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NIKOLAI  DMITRIEVICH  ZELINSKY 


Academician  Nikolai  Dmitrievich  Zelinsky, a  foremost  organic  chemist 
and  a  Hero  of  Socialist  Labor, died  on  July  31,  1953  in  his  93rd  year. 

With  Nikolai  Dmitrievich  Zelinsky’s  death  we  have  lost  a  remarkable 
man  and  a  scientist  whose  discoveries  gained  him  world  renown. 

He  was  born  on  February  6,  l86l.  He  received  his  higher  education 

at  Odessa  University.  In  1893^  being  already  famous  as  a  scientist,  Nikolai 
Dmitrievich  was  invited  to  become  a  professor  of  organic  and  analytical 
chemistry  in  Moscow  University.  From  this  time  his  scientific  and 
pedagogical  activities  were  indissolubly  bound  up  with  Moscow  University. 

Zelinsky  was  a  scientist  with  a  profound  and  wide  knowledge;  his 
activities  were  numerous  and  varied. 

His  investigations  in  organic  syntheses,  catalysis,  and  in  other  fields 
of  organic  chemistry  played  a  leading  role’  in  world  science. 


Starting  at  the  time  he  entered  Moscow  University,  he  devoted  his 
energies  to  developing  the  new  and  Important  branch  of  petroleum  chemistry. 

These  investigations  were  of  great  practical  Importance,  since  they  led 
to  the  production  on  an  industrial  scale  of  aromatic  hydrocarbons  from  this 
raw  material.  Showing  a  profound  interest  in  petroleum  chemistry,  Zelinsky 
devoted  considerable  labor  to  the  developnent  of  methods  of  Investigating  the 
composition  of  petroleum  and  studying  the  nature  of  Russian  petroleum  and 
petroleum  products.  During  the  period  when  our  country  was  sorely  in  need  of 
aviation  gasoline,  he  developed  a  new  method  for  producing  it  from  the  fuel 
oil  and  petroleum  available. 

Zelinsky’s  work  on  proteins  enabled  an  approach  to  be  made  to  solving 
their  structure. 

Of  exceptional  importance  is  his  work  on  the  use  of  activated  charcoal 
for  adsorbing  poison  gases. 

He  also  carried  out  a  considerable  amount  of  work  in  analytical  chemistry. 

He  Improved  the  nlnhydrln  reaction  for  proteins,  and  gave  a  method  for  detecting 
cyclopentane  hydrocarbons  and  a  new  quantitative  method  for  the  determination 
of  fat  in  animal  materials, etc. 

Altogether  he  published  550  papers  either  on  his  own  or  in  conjunction 
with  his  students. 

In  his  scientific  work  he  constantly  attracted  talented  young  research 
workers,  as  a  result  of  which  he  created  the  most  outstanding  school  of 
organic  chemistry  in  the  Soviet  Union.  His  students  work  in  research  institutes, 
university,  and  factory  laboratories.  Many  of  them  have  been  made  active 
members  of  the  Academy  of  Sciences  of  the  USSR. 

Zelinsky's  name  is  very  popular  with  us.  We  all  knew  his  Indefatigable 
struggle  for  peace  and  his  fervent  exhortation  to  scientists  and  to  youth 
to  defend  peace. 

The  editorial  board  and  the  readers  of  the  Journal  of  Analytical  Chemistry 
together  with  all  Soviet  scientists  are  proud  of  the  great  scientist  and  fervent 
patriot  of  our  country  who  devoted  his  life  for  the  Socialist  Fatherland. 
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DISIERSOMETRIC  METHODS  FOR  THE  DETERMINATION  OF  AROMATIC  HYDROCARBONS  IN 
ADMIXTURE  WITH  HYDROCARBONS  OF  OTHER  CLASSES 
ANALYSIS  OF  MIXTURES  NOT  CONTAINING  UNSATURATED  COMPOUNDS 

B.  A.  Kazansky,  M.  I.  Rozengart,  0.  D.  Sterligov  and  G.  A.  Tarasova 

Institute  of  Organic  Chenilstry,  Academy  of  Sciences  USSR,  Moscov 


Nevdisper  some  trie  methods  for  the  determination  of  aromatic  hydrocarbons 
in  admixture  with  hydrocarbons  of  other  classes  have  attracted  the  attention 
of  many  research  workers  during  the  last  10-15  years  [1-8].  These  methods 
are  based  on  three  assumptions:  1)  the  dispersion  of  a  mixture  is  equal  to 
the  sum  of  the  products  of  the  dispersions  of  the  individual  components  and 
their  percentage  content  in  the  mixture  (additivity  rule);  2)  the  dispersion 
of  all  paraffin  and  naphthenic  hydrdrocarbons  is  the  same;  5)  the  dispersion 
of  aromatic  hydrocarbons  differs  considerably  from  the  dispersion  of  paraffin 
and  naphthene  hydrocarbons. 


Gross  and  Wackher  [4]  determined  aromatic  hydrocarbon  content  by  specific 
dispersion  calculated  from  the  simplified  equations^ 


5 


t  t 

np  -nc 


•lO** 


(1) 


where  np  and  n(j  are  the  refractive  indices  for  the  blue  F  and  the  red  C  line 
respectively  of  the  hydrogen  spectrum;  d4  is  the  specific  gravity;  t  is  the 
temperature  at  which  measurements  are  carried  out.  Mokhnatkin  [2]  in  1!^5, 


and  a  year  later  Ioffe 
this  purposes 


[5]  proposed  the  use  of  the  relative  dlspersior^'  for 


.,t  - 


10®, 


(2) 


where  np  is  the  refractive  index  for  the  yellow  D  line  of  sodium  and  the 
other  legends  have  the  same  significance  as  in  equation  (l). 


Quantitative  determination  of  aromatic  hydrocarbons  by  relative  dispersion 
does  not  require  determination  of  specific  gravity,  and  it  is  therefore  a  more 
rapid  method,  and  a  smaller  amount  of  test  material  is  required.  Nevertheless 
it  was  made  clear  later,  that  both  the  specific  [6,7]  and  relative  [7]  dispersions 
deviate  from  the  additivity  rule;  we  also  confirmed  this.  The  deviation  of  the 
specific  and  relative  dispersions  from  additivity  for  one  of  a  series  of 
mixtures  which  we  examined  is  shown  in  the  diagram.  The  amount  of  benzene  in 
admixture  with  n-heptane  is  plotted  on  the  abscissa,  while  the  devi.atlon  of  the 
experimentally  determined  values  of  the  dispersion  of  the  mixtures  from  the 
values  calculated  according  to  the  additivity  rule  are  plotted  along  the  ordinate. 
In  order  to  avoid  errors  caused  by  deviation  from  additivity  during  analysis,  it 
has  been  suggested  [6,7],  that  corrections  be  applied. 

1)  In  the  papers  cited  the  equations  do  not  contain  the  multiplier  10^. 
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Mxiflaev  [8],  in  19^9  shoved  that  there  Is  no  need  to  Introduce  corrections 
If  the  benzene  content  of  a  in,tTr.ture  is  determined  by  means  of  specific 
dlsrerslor.  calculated  from  the  difference  In  specific  refractions  (AP)  for 
tvo  lines  (F,  C)  in  the  hydrogen  spectrum’ 


where  ny,  n(3,d4,thftve  the  same  significance  as  in  equation  (l)*  This  method 
however.  Just  as  the  methOvl  based  on  equation  (l),  has  the  drawback  that  It 
requires  de ■terminations  of  the  specific  gravities  of  mixtures. 


Having  used  various  methods 


Deviation  of  the  specific  (A6) 
and  relative  (Aa»)  dispersion 
from  additivity  for  n-heptane- 
benzene  mixtures.  (  x  benzene 
content  ^  weight). 


of  determining  aromatic  hydrocarbon  content  in 
mixtures  with  hydrocarbons  of  other  classes 
in  the  course  of  the  present  work,  we 
concluded  that  it  is  possible  to  avoid  the 
drawbacks  mentioned  above  if  we  used  the 
quantity  ujp  for  analysis;  we  call  this 
quantity  by  analogy,  the  relative  dispersion 
calculated  according  to  the  following 
equation; 


•10®, 

(1^) 


where  ny,  nQ,  nj^  have  the  same  significance 
as  in  equations  (l)  and  (2).  Calculations 
based  on  eqmtion  (4)  do  net  present  any 
difficulty  if  refractometric  tables  [9]  are 
used.  Refractive  indices  were  determined  by 
means  of  a  Pulfrich  refractometer.  When 
the  Abbe  re fractometer  was  used  the 
deviation  in  the  values  of  the  dispersion 
was  too  great,  the  method  suggested  by 
Ioffe  [5]  for  the  calibration  of  the 
ve  fractometer  is  Imcc'urate,  When  the 


calibration  c.'irves  s  jggested  by  Iof  fe  were  used,  considerable  errors  were 
sometimes  ob'^alred  for  the  determination  of  aromatic  hydrocarbon  content. 


Slxice  w'^  wished  tc  compare  the  accuracy  of  the  various  dl.spersometrlc 
methods  for  the  determination  of  aromatic  h^ydroc^rbons,  we  have  confined 
ourselves  in  t.tLe  present  article  to  a  consideration  of  results  ob'balned 
for  the  dlfipersion  of  paraffin,  naphthene  and  aromatic  hydrocarbons  and  their 
mlxt  jres. 


The  relation  between  dispersion  end  composition  was  studied  on  syrthetlc 
binary  mixtures  of  n-he.xane-»benze;De,  n-heptane-benzene,  n-heptane -toluene, 
and  methyl c.yc lobe *ane -benzene.  The  results  of  measurements  show  that  for 
mixtures  of  methylcyclohe.rane-toluene  the  relative  dispersions  are  additive 
wbether  they  are  calculated  according  to  eque.tion  (2)  or  equation  (•4).  At 
the  same  time,  dispersions  calculated  according  to  equations  (l)  and  ^2) 
for  the  first,  three  mixtures  and  for  mixtures  of  cyclohexane -benzene  (■frem. 
J^vlov's  results  [10])  do  not  follow  the  additivity  rule.  If  the  aromatic 
hydrocarbon  content  is  then  calculated  according  to  the  additivity  rule, 
the  error  may  am.Guiit  to  2-4^  weight,  Ne'veriheless,  the  dispersions  of  these 
same  mixtures  when  calculated  according  to  equation  (5)  or  according  to  the 
^  5ee  foot note  to  page.  275 » 
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equation  which  we  have  proposed  in  this  article,  viz.  equation  (4),  are  additive, 
l.e.,  the  relation  between  dispersion  and  aromatic  hydrocarbon  content  in  the 
mixture  is  graphically  expressed  by  a  straight  line,  and  the  deviations  for 
determination  of  benzene  or  toluene  content  lie  within  the  limits  of  experimental 
error  (0.8-1. 5^). 

TABLE  1 


Average  values  of  a;,6,  wr  and  ip  for  paraffin  and  naphthenic  hydrocarbons  of 
different  molecular  weight 


Hydrocarbons 

No.  of  hydrocarbons 
from  which  the  mean 
was  taken 

(jj 

6 

^R 

Paraffins  C7  . 

9 

17.^1 

97.9 

93.6 

52.90 

Paraffins  C9  . 

8 

17.30 

97.3 

91.7 

51.56 

Alkylcyclopentanes  C7. 

6 

17.65 

96.7 

93.6 

51.35 

Alkylcyclopentanes  Ce. 

8 

17.5‘t 

96.4 

92.7 

52.08 

Methylcyclohexane  C7  . 

1 

17.80 

97.9 

93.6 

51.47 

Alkylcyclohexanes  C9  . 

4 

17.72 

9‘t.3 

92.6 

50.96 

Alkylcyclohexanes  Ciq. 

k 

17.55 

95.3 

90.4 

49.77 

Mean 

39 

17.50 

96.5 

92.6 

51.  H 

Notes.  WjtjR  and  ^  were  calculated  by  us,  while  the  values  for  6 
were  taken  from  published  results  [12]. 


In  order  to  calculate  the  degree  of  constancy  of  the  relative  and 
specific  dispersions  of  the  paraffin  and  naphthene  hydrocarbons  we  used 
published  results  for  6l  hydrocarbons  [11-13].  From  Table  1  it  is  obvious 
that  the  mean  values  of  and  wr  change  only  insignificantly  with 

molecular  weight  and  hydrocarbon  structure.  Nevertheless  the  differences 
between  the  dispersions of  individual  hydrocarbons  can  be  considerably 
greater.  Thus,  wp  for  2,2-dimethylpentane  is  equal  to  96.57,  while  for 
secondary  butylcyclohexane  it  is  89. 09,  i.e.  the  difference  in  dispersion 
amounts  to  7.^8.  In  the  determination  of  the  benzene  content  of  a  binary 
mixture  with  a  paraffin  or  naphthene  hydrocarbon,  the  maximum  possible 
error  which  can  arise  as  a  result  of  deviations  of  the  value  of  tbe  dispersion 
of  paraffin  or  naphthene  hydrocarbons  from  its  mean  value  increases  in  the 
order  ;  u,  6,  wR  and  6R  .  This  error  is  equivalent  in  percentage  weights 
of  benzene  to:  5.5|  5*^  and  8.7.  In  practice,  if  average  values  for 

the  dispersion  of  the  paraffin-naphthene  part  are  used,  this  error  will  be 
less  than  the  maximum  value  adduced  above.  If  more  accurate  results  are 
desirable,  the  actual  value  of  the  dispersion  of  the  non-aromatic  part  of 
the  mixture  must  be  found.  If  the  composition  of  the  aromatic  part  of 
the  mixture  is  known  and  results  are  available  for  the  dispersion  of 
the  components  making  up  the  mixture,  the  dispersion  of  this  part  can  be 
easily  calculated  by  the  additivity  rule.  In  other  instances  (particularly 
for  a  series  of  analyses)  the  dispersion  will  have  to  be  determined  experi¬ 
mentally,  the  aromatic  hydrocarbons  in  1-2  ml  of  the  mixture  being  removed 
by  adsorption  on  silica  gel  or  by  sulfonation.  Thus,  during  the  determina¬ 
tion  of  the  toluene  content  of  synthetic  mixtures  with  dearomatized  gaso¬ 
lines  or  llgroins,  the  relative  dispersion  of  the  non-aromatic  was 
determined  first;  the  error  in  the  determination  of  the  aromatics  was 
therefore  less  than  1^  weight. 
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TABI£  2 


Dispersions  of  aromatic  hydrocarbons 


Hydrocarbons 

a; 

6 

R 

Benzene . . . . 

35.52 

190.0 

165.4 

9^.32 

Toluene.  ................... 

32.28 

185.0 

160.8 

92.62 

Ethylbenzene  ................. 

30.57 

17‘^.9 

152.8 

87.42 

o-Xylene  ................... 

31.^1 

180.4 

155-7 

89.41 

m-Xylene  .  ........ 

181,0 

157.5 

90.49 

p-Xylene  .................... 

31.68 

182,4 

157.9 

90.49 

Average  for  Ca  .  « 

31.27 

179- T 

155-9 

89.56 

n-Propylbenzene .  . 

29o18 

166.6 

145,3 

82.94 

Isopropylbenzene  .  ..... 

29.03 

165 « 6 

Iit5.5 

82.97 

l-Methyl-2 -ethylbenzene.  ......  . 

30.08 

172.4 

149.2 

85.50 

l-Methyl-5-ethylbenzene .  .  ...... 

30.20 

173.5 

150.4 

86.41 

l-Methyl-l+-ethylbenzene . 

30.24 

173.8 

151.1 

86.85 

1,2,3-Trimethylbenzene  ....  . 

50.58 

175.8 

150.4 

86.43 

1,2,4-Trlmethylbenzene  .  .  . 

30.90 

178.1 

153.1 

88.15 

1,5,5-Trimethylbenzene  ............ 

50.75 

177-5 

158.2 

88.07 

Average  for  C9 

30.12 

172.9 

150.4 

85.91 

n-Butylbenzene  .  .....  . 

28.01 

159-5 

140.5 

79.87 

Isobutylbenzene .  .  .  . 

28,18 

160.7 

l4l.4 

80.64 

Sec.-butylbenzene.  . . . 

27.96 

159.0 

139.9 

79-53 

Tert.-butylbenzene  ...  . 

27.98 

159-1 

140.0 

79.63 

1,2-Dlethylbenzene  .  .  „  . 

29.02 

166.2 

144.8 

82.84 

1,3-Dlethylbenzene  ,  .  ....... 

29.10 

166.9 

144.9 

83.11 

1,4-Dlethylbenzene . . . .  . 

29.50 

168.2 

146.1 

83.87 

Average  for  Cio 

28.51 

162.8 

142.5 

81.36 

Notes «  (j,  wR  and  6r  vere  calculated  by  us,  while  the  values  for  6  were 
taken  from  published  results  [12] » 


Differences  between  the  values  of  the  dispersion  of  the  aromatic  hydro¬ 
carbons  and  the  non-aromatic  part  of  the  mixture  also  affects  the  accuracy 
of  the  dlspersometrlc  analysis „  Results  adduced  In  Table  2  show  that  with 
Increasing  molecular  weight  of  the  aromatic  hydrocarbons,  the  value  of  their 
dispersion  decreases  and  thereby  decreases  the  accuracy  of  determination. 
Thus,  a  measurement  of  the  refractive  index  to  an  accuracy  of  0.00005  can 
lead  to  an  error  of  0,7  for  benzene,  0,9  for  toluene,  and  1.2^  weight  for 
aromatic  hydrocarbons  of  Cio  composition. 

EXPERIMENTAL 

Measurement  of  the  Refractive  Index  of  Light.  A  Pulfrich  refracto- 
meter  was  used  for  the  determination  of  refractive  indices.  The  source 
of  light  was  either  a  hydrogen  spectrum  tube  or  a  gas  burner  colored  by 
sodium  chloride  vapors.  The  refractometer  was  thermostated  by  means  of 
an  ultra-thermostat.  The  thermometers  used  for  temperature  measurement  of 
the  refractometer  were  checked  against  the  melting  point  of  ice  prepared 
from  twice- distilled  water,  and  the  conversion  point  of  sodium  suli^te 
decahydrate  (Glauber  salts)  re crystallized  four  times  [l4].  The  null  point 
of  the  refractometer  was  checked  against  twice-distilled  water,  distilled 
before  the  determination  from  a  quartz  flask.  The  refractive  index  of 
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water  as  determined  on  our  apparatus  was  np°  =  1.55500,  l.e.  the  same  as  the 
published  value  [15]»  Numerous  experiments  which  were  carried  out  showed  that 
the  deviations  in  the  determination  of  benzene  and  toluene  contents  in  the 
same  mixture  but  by  different  operators  amounted  to  1-1.5^  weight. 

TABLE  5 


Constants  of  the  hydrocarbons 


Hydrocarbons 

B.p.  in 
®C  at 

760  mm 

- 

nf  - 

^D 

- 

. 

U) 

6 

n-Hexane  .... 

68.5- 

68.'8 

1.57970 

1.57515 

1.37326 

0.6590 

17.17 

97.8 

95.5 

55.12 

n-Heptane .... 

98.2- 

98.4 

1.59257 

1.58764 

1.38570 

0.6856 

17.20 

97.3 

92.8 

52.64 

n-Octane  .... 

125.5 

l.i^0258 

1.39762 

1.59552 

0.7027 

17.25 

97.6 

92.6 

52.57 

Cyclopentane  .  . 

‘*9.3 

1.41140 

1.40658 

1.40429 

0.7452 

17.50 

— 

95.5 

— 

Cyclohexane...  . 

80.6 

1.45147 

1.42615 

1,42400 

0.7783 

17.52 

96.0 

92.0 

50.57 

Methylcyclohexane 

100.7- 

100.9 

1.42855 

1.42297 

1.42087 

0.7691 

17.64 

96.7 

95.2 

51.25 

Benzene ..... 

80. 1 

1.5150511.50100 

1.1*9635 

0.8789 

55.29 

189.8 

165.5 

9‘*.33 

Toluene.  .... 

110.6 

1.50851 ' 1.59681 

1 

1.49255 

0.8672 

52.12 

184.1 

l6o.o 

91.79 

Original  Hydrocarbons.  n-Hexane  and  n-heptane  were  prepared  by  purification 
of  the  commercial  products.  n-Octane  was  made  by  hydrogenation  of  caprylene 
over  platinized  carbon  [l6],  the  caprylene  being  made  by  dehydrogenation  of 
secondary  octyl  alcohol  over  alumina.  Cyclohexane  and  methylcyclohexane  were 
prepared  by  the  hydrogenation  of  benzene  and  toluene  respectively  in  an  auto¬ 
clave  in  the  presence  of  nickel.  All  the  saturated  hydrocarbons  were  treated 
with  concentrated  sulfuric  acid,  washed  with  soda  and  water  and  dried  over 
calcium  chloride.  Cyclohexane  and  methylcyclohexane  after  purification  of  the 
latter  from  traces  of  toluene  by  passing  through  silica  gel  gave  a  negative 
formolite  reaction.  Benzene  (cryoscopic)  was  treated  with  a  small  amount  of 
concentrated  sulfuric  acid,  washed,  dried  and  frozen  three  times.  Toluene 
(commercial)  was  sulfonated  and  the  toluene  sulfonic  acid  hydrolyzed.  The 
toluene  formed  was  washed  and  dried.  All  the  hydrocarbons  were  distilled 
throug^h  a  column  with  an  efficiency  equivalent  to  50  theoretical  plates. 

The  constants  obtained  for  these  pure  hydrocarbons  are  given  in  Table  5. 
These  constants  in  most  cases  agree  with  published  results  [11-15].  Any 
differences  lie. within  the  experimental  errors. 

Investigation  of  Synthetic  Binary  Mixtures.  A  study  of  the  mixture 
n-hexane -benzene  (Table  4)  showed  that  the  relative  dispersions  of  these 
mixtures  calculated  from  equation  (2)  do  not  follow  the  additivity  rule. 

The  relative  dispersions  of  these  mixtures  calculated  according  to  equation 
(4)  are  additive.  The  same  applies  to  the  dispersions  of  mixtures  of  n-heptane- 
benzene  (Table  4)  and  n-heptane-toluene  (Table  5).  The  specific  dispersion  of 
the  mixtures  n-heptane-toluene,  calculated  according  to  equation  (l),  do  not 
follow  the  additivity  rule.  At  the  same  time  the  specific  dispersion 
calculated  according  to  the  differences  in  the  specific  refractions  (equation  5) 
are  additive.  Determinations  of  the  relative  dispersion  of  mixtures  of 
methylcyclohexane -toluene  '(Table  5)  showed  that  the  relative  dispersion 
calculated  according  to  equations  (2)  and  (4)  are  additive. 
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TABLE  k 


Dispersions  of  Mixtures 


Weight  ^ 

||||[| 

IglU 

U) 

6  ' 

(jp 

benzene 

■HHIH 

HI^B 

X\ 

n 

n-Hexane -benzene 


0 

1.37970 

1.37575 

1.37326 

- 

17.17 

- 

93.3 

- 

10.86 

1.38991 

1.38480 

1.38272 

- 

18.68 

— 

101.1 

— 

36.48 

1.41733 

1.41071 

1.40805 

- 

22.59 

- 

119.8 

- 

47.82 

1.43125 

1.42388 

1.42091 

- 

24.59 

- 

128.1 

- 

55.98 

1.44195 

1.43396 

1.43079 

- 

25.71 

— 

154.3 

- 

64.97 

1.45496 

1.44696 

1.44283 

- 

27.17 

— 

i40.3 

— 

70.41 

1.46250 

1.45354 

1.44975 

- 

28.12 

- 

144.7 

- 

82.25 

1.48133 

1.47116 

1.46717 

- 

30.28 

— 

152.6 

- 

100 

1.51305 

1.50100 

1.49655 

n-HepI 

tiane-ben 

33.29 

zene 

165.5 

0 

1.39237 

1.38764 

1.38570 

0.6856 

17.20 

97.3 

92.8 

152.64 

5.81 

1.39534 

1.39038 

1.38844 

0.6841 

17.67 

100.8 

95.3 

1  54.37 

10.39 

1.39901 

1.39372 

1.39162 

0.6988 

18.58 

105.7 

101.1 

56.95 

54.11 

1.42331 

1.41671 

1.4i403 

0.7358 

22.27 

126.1 

117.6 

66.59 

75.98 

1.47545 

1.46481 

1.46104 

- 

29.04 

- 

148.2 

- 

95.51 

1.49965 

1.48833 

1.48395 

0.8612 

52.11 

182.1 

161.0 

91.26 

100 

TABLE  5 

1.51305 

1.50100 

1.49635 

0.8789 

33.29  1 

189.8 

165.5 

9^.35 

Dispersions  of  Mixtures 


Weight  ^ 
toluene 

—2D 

“c 

n 

.-Heptane -toluene 

0 

1.39257 

1.38764 

1.58570 

17.20 

92.6 

9.25 

1.40128 

1.39599 

1.5939^ 

18.53 

99.5 

25.41 

1.41351 

1.40754 

1.40520 

20.39 

108.7 

38.17 

1.42840 

1.42156 

1.41886 

22.65 

U9.3 

40.21 

1,43116 

1.42417 

1.42i4i 

22.98 

120.6 

61.45 

1.45544 

1.44707 

1.44578 

26.07 

134.9 

73.40 

1.46983 

1.46058 

1.45696 

27.94 

143.3 

89.25 

1.49092  ' 

1.48045 

1,47635 

30.37 

153.2 

100  •  ••  • 

1.50831 

1.49681 

1.49235 

52.12 

160.0 

Me thy Icyc lohexane 

-toluene 

0 

1.42835 

1.42297 

1.42087  1 

17.64 

93.2 

17.72 

1.45982 

1.43356 

1.43104 

20.24 

105.8 

37.83 

1.45596 

1.44661 

1.44565 

23.08 

119.1 

44.47 

1.45918 

1.45139 

1.44830 

24.10 

124.3 

53.08 

1.46614 

1.45785 

1.45455 

25.36 

130.0 

94.50 

1.50262 

1.49155 

1.48724 

31.28 

156.4 

100 

1.50831 

1.49681 

1.49235 

32.12 

160.0 
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TABLE  6 


Determination  of  Toluene  In  Synthetic  Mixtures 


Weight  of  toluene 

^  Weight  of  toluene 

Difference  between 

In  the  original 

found  by  the  relative 

amount  taken  and 

mixture 

dispersion 

found  in  i 

52.61 

62.10 

85.27 


With  Dearomaticlzed  gasoline 

f  52.98 
[  51.86 

f  62.10 
I  60.87 

(  83.36 
I  82.75 


+  0.37 

-  0,75 

0.00 

-  0.23 

+  0.11 

-  0.52 


24.59 

48.19 

50.80 


With  Dearomaticlzed  Ligroin 

24.58 

48.07 

50.20 


-  0.01 
-  0.12 
-  0.60 


Investigation  of  Synthetic  Mixtures  of  Toluene  with  Dearomaticlzed  gaso¬ 
line  and  Llgroln.  In  order 'to  check  on  the  applicahillty  of  the  method 
based  on  relative  dispersion  calculated  according  to  the  equation  which 
we  have  proposed,  viz  equation  (4),  to  the  determination  of  the  aromatic 
hydrocarbon  content  of  petroleum  fractions,  we  analyzed  synthetic  mixtures 
of  toluene  with  dearomatlcizedf gasoline  and  llgroln.  The  results  given  In 
Table  6  show  that  the  method  Is  applicable. 


In  conclusion  we  should  like  to  thank  E.  A.  Mikhailova  for  a  gift 
of  a  mixture  of  n-heptane-benzene,  T.  F.  Bulanova  for  some  cyclopentane 
and  Z.  N.  Fames  for  a  sample  of  twice  distilled  water. 


SUMMARY 

1.  A  comparison  has  been  made  of  four  disperscMetrlc  methods  for  the 
determination  of  the  aromatic  hydrocarbon  content  of  mixtures  with  paraffin 
and  naphthene  hydrocarbons.  It  has  been  shown  that  a  method  which  Is  put 
forward  in  the  present  article  has  the  advantage  that  there  Is  no  need  to 
determine  specific  gravity  neither  does  it  require  the  introduction  of 
corrections  In  the  analysis  of  mixtures  containing  benzene  and  toluene. 

2.  The  dispersion  of  mixtures  of  different  composition  has  been 
determined:  n-hexane -benzene,  n-heptane-benzene,  n-heptane -toluene,  and 
methylcyclohexane-toluene , 

3.  It  has  been  found  that  for  the  binary  systems  examined  the 
relative  dispersion  (wr)  calculated  according  to  theequatlon 

'  (“D  - 

follows  the  additivity  rule  and  can  therefore  be  used  for  the  determination 
of  aromatic  hydrocarbons  in  admixture  with  paraffin  and  naphthene  hydrocarbons. 

Received  Msrch  l6th,  1953 
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A  STUDY  OF  THE  REACTION  RATES  OF  PROCESSES  OCCURRING 
DURING  POTENTIOMETRIC  TITRATION 

L.  Ya.  Polyak  and  B.  N.  Kabanov 


Many  chemical  reactions  cannot  be  used  in  potent iometric  analysis  because 
of  the  slow  rate  at  which  they  occur  and  also  because  of  the  slow  rate  at  which 
the  electrode  potential  is  established  even  when  other  factors  are  favorable. 

A  study  of  the  reasons  for  these  phenomena  and  also  of  the  establishment 
of  conditions  which  speed  up  these  processes  is  of  both  practical  and  theoretical 
Interest.  Hitherto  only  a  few  attempts  have  been  made  to  Investigate  and  explain 
the  processes  which  occur  during  potent iometric  titration,  by  electrochemical 
means.  A  large  amount  of  the  material  published  relating  to  potent iometric  analysis 
is  a  description  of  Individual  and  empirically  worked  out  methods. 

The  system  Fe(CN)6“  -  Fe(CN)6”  Is  of  particular  interest  in  potent iome try, 
since  a  number  of  metals  form  difficultly  soluble  ferrocyanldes.  Many  authors 
[1,2,5]  point  out  that  the  wide  application  of  ferrocyanldes  in  potent iometric 
analysis  is  faced  by  a  number  of  difficulties,  the  most  Important  of  which  is 
the  slowness  with  which  potentials  are  established  during  titration.  It  is 
for  this  reason  that  the  precipitation  of  zinc  with  ferrocyanide,  which  was 
suggested  as  long  ago  as  1909  and  which  was  afterwards  studied  by  a  number 
of  research  workers,  has  up  to  recently  [^],  not  been  widely  used  in  practice. 
Attempts  have  been  made  to  surmount  the  difficulty  pointed  out  above  by  replacing 
direct  titration  of  zinc  with  ferrocyanide  by  a  back  titration  of  excess  ferro¬ 
cyanide  with  permanganate  [2],  or  the  precipitation  of  zinc  by  ferrocyanide  is 
used  in  other  physico-chemical  methods  of  analysis;  drop-tempometric  [3]  and 
amperometric  titrations. 

We  considered  it  expedient  to  use  electrochemical  methods  —  i.e.,  taking 
polarization  curves  and  determining  potential  changes  with  time  -  for  the  study, 
under  various  conditions,  of  the  kinetics  of  the  rate  at  which  the  potential  is 
established  in  the  oxidation-reduction  system  Fe(CN)6'’  “  Fe(CN)6“  which  determines 
the  potential  during  the  titration  of  a  number  of  metals;  zinc,  cadmium,  lead, 
copper,  etc .,  with  ferrocyanide . 

In  the  work  described,  the  effect  of  the  following  factors  on  the  rate  at 
which  the  electrochemical  reactions  proceed  on  a  platinum  electrode  in  the 
system  Fe(CN)6“  “  Fe(CN)6”  was  studied; 

a)  the  effect  of  the  concentration  of  the  ions  which  determine  the  potential; 

b)  the  effect  of  other  electrolytes. 

It  was  of  interest  to  determine  the  rate  of  the  electrode  processes  near 
the  equilibrium  potential  at  a  point  where  the  solution  had  the  composition  we 
were  interested  in,  since  in  the  case  of  low  reaction  rates  during  potent iometric 
titration,  deviation  from  the  equilibrium  potential  and  distortion  of  the 
potent iometric  curves  are  possible. 

In  addition  to  making  electrochemical  measurements  during  direct  potentio- 
metric  titrations,  the  effect  of  the  factors  mentioned  above  on  the  rates  at 
which  the  chemical  processes  in  solution  proceed  was  also  studied. 
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A.  N.  Frumkln  has  given  a  kinetic  equation  for  electrochemical  processes  [5]. 
At  the  basis  of  this  equation  is  the  assumption  that  the  rate  of  both  forward  and 
reverse  processes  is  a  function  of  the  structure  of  the  double  electric  layer  on 
the  metal-solution  boundary,  of  the  potential  Jumps,  concentration,  etc.  During 
the  flow  of  a  current  through  an  electrode  the  overall  rate  of  the  process  is 
equal  to  the  difference  in  velocities  of  the  forward  and  reverse  processes. 

A.  N.  Frumkln’ 6  equation,  which  was  primarily  deduced  for  the  evolution  of  hydrogen, 
remains  valid  for  the  case  of  an  oxidation-reduction  system  under  such  conditions 
where  the  reactions  of  accepting  or  donating  ions,  e.g. 

Fe(CN)i"  +  e  - -  Fe(CN)|", 

also  proceed  with  a  terminal  velocity. 

Mention  must  be  made  of  some  work  which  should  be  considered  in  connection 
with  the  problem  under  discussion,  A.  L.  Rotlnyan’ s  work  [T>8]  is  devoted  to 
the  kinetics  of  the  establishment  of  the  potential  in  the  systems  Tl®'*'  -  T1 
and  AsOi”  -  AsOt”. 

Esin,  Derendyaev,  and  Ladygin  [9],  found  that  the  systems  Fe(CN)i"  “  Fe(CN)t" 
and  Fe^"*"  -  Fe^"*"  do  not  display  chemical  polarization  on  pure  platinum  electrodes; 
this  means  that  the  rate  at  which  the  potential  of  the  platinum  electrode  is 
established  in  these  systems  is  restricted  only  by  diffusion.  In  potent lome trie 
practice  however,  it  is  not  possible  to  achieve  that  degree  of  freedom  of  the 
solution  and  electrode  from  contamination  by  surface  active  materials  which 
guarantees  the  absence  of  overvoltage  in  the  work  cited.  Garmody  and  Rohan 
[10],  investigated  the  polarization  of  platinum  and  gold  electrodes  in  neutral 
and  alkaline  ferrocyanlde  solutions,  and  showed  that  on  taking  into  account  con¬ 
centration  polarization^  chemical  polarization  can  also  be  observed  in  the 
system.  The y^ however,  worked  with  very  high  concentrations  which  are  of  little 
interest  for  potent iometiry.  Coursler  [15],  found  that  platinum  ceases tb'act  as 
an  electrode  for  the  system  K3Fe(CN)6  “  K4Fe(CN)6  (pH  5*9,  ionic  streng^a  l), 
when  the  concentration  of  K3Fe(CN)6  is  less  than  10“®  g-ion  liter  (in  an 
atmosphere  of  hydrogen)  or  less  than  10~*  g- ion/liter  (in  an  inert  gas  atmosphere). 

We  reckon  that  it  is  essential  to  compare  the  results  of  potent iome trie 
measurements  and  polarization  curves  in  order  to  explain  the  reason  for  the 
slowness  with  which  potentials  are  established  during  titration;  whether  it 
is  the  result  of  the  slowness  of  the  electro-chemical  reaction  Itself,  viz  a 
change  from  one  form  of  oxidation  of  the  ion  to  another,  which  takes  place  on 
the  electrode,  or  the  slowness  of  the  chemical  processes  occurring  in  solution  - 
the  interaction  of  metals  ions  with  ferrocyanlde  ions. 

Method  of  Measurement 

Measurement  of  overvoltage  and  the  rate  at  which  equilibrium  potentials  are 
established  on  a  platinum  electrode  were  made  by  the  usual  compensation  method, 
using  a  saturated  calomel  electrode  as  reference  electrode.  The  polarization 
set  up  is  shown  in  Fig.  1.  The  potentials  of  the  polarized  platinum  electrodes 
are  calculated  with  respect  to  the  normal  hydrogen  electrode.  Measurements 
were  made  at  room  temperature  within  a  current  density  range  for  the  polariza¬ 
tion  current  of  10"^  to  10"^  A/cm^.  In  order  to  decrease  the  concentration 
polarization  of  the  solution  during  measurements  the  solution  was  stirred  by 
bubbling  nitrogen  through  it.  Both  electrodes,  test  and  reference,  were 
immersed  in  one  solution  in  order  to  avoid  changes  in  the  composition  of  the 
solutloE  with  time.  Before  taking  each  cui’ve  the  electrode  was  washed  with 
water  and  heated  in  the  oxidizing  flame  of  a  gas  burner. 

When  the  electrode  had  been  immersed  in  the  oxidation-reduction  system, 
the  equilibrium  potential  of  the  electrode  was  measured,  the  electrode  was  then 
subjected  to  polarization  by  a  steadily  increasing  current.  Usually  we  first 
took  the  curves  for  cathodic  polarization,  and  then  the  anodic  polarization  curves, 
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Fig.  1.  Polarization  setup, 
A)Accuniulator,  B)  rheostat, 

G)  galvanometer  of  sensitivity 
1*  =  0.59* 10*®  A,  Ri  and  R^) 
resistance  "boxes  of  10,000  fi, 

P)  potentiometer,  C)  polariza¬ 
tion  cell,  l)  Polarized 
electrode,  2)  supplementary 
electrode,  5)  lead-in  for 
nitrogen  to  stir  up  the  solu¬ 
tion,  4)  communicating  vessel, 

5)  saturated  calomel  half- 
element.  re)  Reference  electrode. 


Ite  ffcrrlfterrocyanlfle 

BolutloBW  Miere  prepared  from  analytical 
quality  reagents.  The  solutloBB  were 
shielded  from  ll^t  to  avoid  decomposi¬ 
tion. 


1.  The  Effect  of  the  Concentration 
of  the  Potential-Determining  Ions  on  the 
Polarization  Curves. 

In  order  to  get  a  general  characteriza¬ 
tion  of  the  phenomena  observed,  we  first 
of  all  took  a  series  of  curves  for  solutions 
containing  potassium  ferricyanlde  in 
concentrations  from  1*10*^  to  l“J0"^mol 
per  liter  for  the  same  ferrocyanlde 
concentration  of  I^IO*^  mol  per  liter 
(Fig.  2). 

The  next  series  of  polarization 
curves  (Fig.  5)  vas  only  taken  for  two 
concentrations  of  ferricyanlde  2*10“^ 
mol/liter  and  2*  10"“*  mol/liter  for  one 
concentration  of  ferrocyanlde  of 
2*10"^  mol/liter,  these  concentrations 
being  those  used  in  the  potentiometric 
method  of  titrating  zinc  [1,4],  All 
the  curves  in  Fig.  2  and  two  curves 
in  Flgo  5  were  tedtet  in  1  M.  sulfuric  ^ 

acid,  in  accordance  with  the  condi¬ 
tions  of  the  potentiometric  titration 


of  zinc  applied  by  one  of  the  authors  [4];  Curve  5,  Fig.  3  vas  taken  in  0,05  M 
sulfuric  acid^/.  The  large  excess  of  Fe(CN)6”  in  comparison  with  the  concen¬ 
tration  of  Fe(CN)6  in  the  case  of  Curve  1,  Fig.  2  enabled  us  to  measure  the 
overvoltage  of  the  reduction  process  of  Fe(CN)6  reliably,  since  this  excess 
Increases  the  Interval  in  the  current  density  between  the  exchange  current 
and  the  limiting  current. 
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Fig.  2,  Effect  of  the  concentration  of  the  potential 
determining  ions  on  the  shape  of  the  polarization 
curves  in  the  system  Fe(CN)6  “  Fe(CN)6”; 

1)  1*10-^M  K3Fe(CN)65  I'lO'^M  K4Fe(CN)6,*  IM  H2S04| 

2)  1*10“^  K3Fe(CN)6;  1*  lO’^M  K4re(CN)65  IM  HsSO^i 
5)  I-IO-'^M  K3Fe(CN)6;  I'lO"^  M  K:4Fe(CR)6;  IM  %S04. 
Crosses  and  circles  denote  electrode  potentials 
corrected  for  concentration  polarization. 


2.  The  Effect  of 
Other  Electrolytes. 

a)  The  Effect  of 
Sulfuric  Acid,  and 
Potassium  Sulfate. 
Changes  introduced  by 
one  of  us  into  the 
existing  potentiometric 
titration  of  zinc  [4], 
consist  among  others  in 
Increasing  the  concen¬ 
tration  of  sulfuric 
acid  from  0.05  to  1  M. 

By  increasing  the 
acidity  we  tried  in 
the  first  place  to 
remove  the  influence 
of  other  elements  pres¬ 
ent  in  the  test  alloys, 
e,g.,  magnesium,  cerium. 


1 )  In  accordance  with  the  conditions  recommended  by  I.  Kolthoff  [l]. 
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Fig.  5»  Effect  of  sulfuric  acid  concentration 
on  the  shape  of  the  polarization  curves  in  the 
system  Fe(CN)i"  -  Fe(nN)|'; 

1)  2*10*’^  K3Fe(CN)e;  2-10-Sm  K4Fe(CN)6; 

IM  H2SCAI  2)  2*10-%  K3Fe(CN)6;  2-lO’^M 
K4Fe(CN)6;  IM  H2SO4I  5)  2*10-Sm  K3Fe(CN)6; 
2*10“5m  K:4Fe(CN)e;  O.O5  M  E2S04. 


Fig.  4,  The  effect  of  sulfuric 
acid  concentration  on  the  shape 
of  the  polarization  curves  for 
thejjpystem  Fe(CN)i"  --  Fe(CN)i". 
“Tor  all  curves  K3Fe(CN)6--l'10”'^ 
K4Fe(CN)6  -1'10‘^M5 
1)  0,5  M  H2SO4;  2)  0.05M  H2SO4; 
5)  10“%.  H2S04;  k)  without 
H2SO4. 


Fig.  Ttie  effect  of  Al®"^  ions 
on  the  shape  of  the  polarization 
curves  for  the  system 
Fe(CN)i“  -  Fe(CN)|“: 

1'  1.3-10“%  K:3Fe(CN)6| 

1.5-10“%  K4:Fe(CN)6;  0.5  M  H2SO4I 
0.5  M  A1®+5  2)  1.5“  10“%.  K3Fe(CN)6; 
1.5-10“%  K:4Fe(CN)6,“  0.5^M  H2S045 
0.18  M  Al®+;  5)  ditto,  as  2  hut 
without  Al®"^. 


zirconium,  manganese)  and  the  influence 
of  difficultly  soluble  precipitates 
formed  with  potassium  ferrocyanide  in 
weakly  acid  solutions.  The  effect  of 
sulfuric  acid  concentration  on  the 
shape  of  the  concentration  curves  is 
shown  in  Curves  2  and  5,  Figs.  5  and 

b)  The  Effect  of  Aluminum  Salts. 

The  effect  of  aluminum  salts  on  the  rate 
of  the  electrode  reaction  was  considered 
separately.  According  to  published  data 
large  quantities  of  aluminum  make  the 
platinum  indicator  electrode  insensitive 
[1],  during  the  potent iome trie  titration 
of  zinc  with  ferrocyanide,  from  which  it 
is  possible  to  conclude  that  the  aluminum 
ions  interfere  with  the  oxidation-reduction 
reaction  taking  place  on  the  electrode. 

For  this  reason  a  direct  potent iome trie 
determination  of  zinc  in  aluminum  alloys  is 
regarded  as  impossible. 


In  connection  with  the  practical  solution  by  one  of  us  of  the  problem,  of 
determining  zinc  in  aluminum  alloys  [ll],  we  aimed  at  checking  this  published 
material.  In  order  to  explain  the  behavior  of  a  platinum  electrode  immersed 
in  the  system  Fe(CN)i"  —  Fe(CN)6”  in  the  presence  of  aluminum  salts  we  took 
polarization  curves  in  O.18  and  0.5^  M  solutions  of  Al^'*'^  these  are  adduced 
in  Fig.  5. 
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Potentiometric  Titration 


Results  for  a  series  of  experiments  on  the  potentiometric  titration  of  zinc 
under  various  conditions^ of  mixing  temperature  and  solution  composition,  which 
were  carried  out  in  order  to  check  on  publisheu  results  and  to  explain  the 
reason  for  the  slow  establishment  of  the  indicator  electrode  potential,  are 
given  in  Fig,  6,  Curve.  1  was  taken  in  1  M  sulfuric  acid  in  the  presence  of 
0.2  M.  KT*"  ions,  since  this  corresponds  to  the  conditions  chosen  by  us  for  the 
titration  of  zinc  [4]|  Curve  2  was  taken  at  the  same  concentration  but  in  the 
absence  of  ions«  Curve  5  was  taken  in  the  absence  of  sulfuric  acid  but  in 
the  presence  of  C,2  M  K"*"  ions.  Curve  4  was  taken  in  the  absence  of  both  sulfuric 
acid  and  K'*'  ions. 

The  results  of  the  experiments  aimed 
-  at  clarifying  the  effect  of  aluminum  salts 

'  on  the  ciorveF  for  the  potentiometric 

titration  of  zinc  with  ferrocyanide  are 
^  T  given  in  Fig.  7.  Curve  1  was  taken  in  the 

absence  of  aluminum,  Curves  2  and  5  were 
^  1  j  taken  in  solutlorjs  with  aluminum  ions 

y  concentrations  of  0.36  and  0.5^  M,  Curve  k 

was  taken  under  the  same  conditions  as 
^  _  Curve  2,  but  the  aluminum  ions  were  fixed 

as  ccmplexes  with  oxalic  acid. 

Discussion  of  Results 

-  During  the  potentiometric  titrations  of 

zinc,  cadmium.,  lead,and  other  metals  with 
^ *  ferrocyanide,  the  metal  ions  do  not  parti- 

•  I  cipate  in  the  process  of  establishing  the 

^  ^  potential  of  the  platinum  electrode.  In 

c^es  for  ^  facilitate  the  establishment  of 

the  titratl^  of  zinc  vlth  ^tas-  potential  during  titration  of  these 

slum  ferrocyanide  under  various  a  ^  am  j.  a 

_ +  1  ^  T.,  XI  ti+  i-ons  by  ferrocyanide,  some  potassium 

conditions.  1)  In  presence  of  -  a  am  m  a.  m 

and  ICt  ions;  2)  in  presence  of  ferrlcyanlde  was  introduced  into  the 

ions  but  in  absence  of  Kt  lonsj  solution.  Thus,  althou^  precipitation 

_ w, x>  ir4  4 V  4-  4  reactlo?:j5  of  the  rB.etal..lc  ions  with  ferro- 

3;  in  presence  of  ions  but  in  a.  am 

o-Koeanww..  TI+  4,..,  1.  \  4  cyBnide  occur  In  solutlor.,  we  have  in  all 

absence  of  *11^  icns;  4)  in  absence  ^  a.  a  a  am  a.a  m  a  a 

TT+  iT^  4  such  ca.ses  a  typ-ica.!  o.xidatlcn-re  duct  ion 

of  both  H+  and  K+  ions.  equilibria  potentials  of 

which\\hre  determined  by  the  equations 


£  =  €o  + 


RT  ^  °'Fe(CN)r 

1  jj  - . .  ■  ' 

^  ^FeiCS)t 


300\  I  I  t...l 

t  ^  G  6  fc  ri 

/n 

Fig.  7.  Effect  of  alum.lnum  ions 
on  the  potentiometric  titration 
curves  of  zinc  with  potassi’jm 
ferrocyanide  solutions  l)  In  the 
absence  of  Al"*"  ions|  2)  in  a  solu¬ 
tion  where  the  concentration  of 
A1®‘*'=:0.36M5  3) in  a  solution  where 
the  concentration  of 
4)  ditto  as  2  but  the  Al^“^  ions  are 
fixed  as  complexes  with  oxalic  acid. 


The  experiments  which  we  carried  out 
on  the  potent lon).etric  titration  of  zinc 
luider  various  conditions  shewed  that  in 
neut.ral  solutionB  which  do  not  contain 
Kt  ions  ; Curve  4,  Fig.  6),  and  also 
during  the  titration  of  zinc  in  the 
presence  of  aiumlnum  salts  (Curves  2 
and  3>.  Fig-  7)  the  titration  process 
is  slew  and  the  shape  of  the  potentio¬ 
metric  curve  is  distorted.  The  question 
arises  as  to  whether  or  not  this  is 
related  to  the  slowness  with  which  the 
electrode  potential  is  established  as 
indicated  in  the  literature.  In  order 
to  solve  this  question  we  m.ust  turn  to 
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an  analyslB  of  the  polarization  curves. 

Cathodic  polarization  is  accompanied  by  the  reduction  of  Fe(CN)i"  to 
Fe(CN)J"  ions.  The  segment  of  Curve  1,  Fig.  2  in  the  current  density 
range  between  10"“*  and  10*^  A/cm^  characterizes  almost  in  a  pure  form  the 
chemical  polarization  which  is  related  to  the  slowness  of  the  electron 
transfer  process  accoffding  to  the  reaction 

Fe(CN)i“  +  e  - »-  Fe(CN)|“. 

The  coefficients  of  inclination  (tangent)  of  the  curve  in  various 
experiments  is  equal  to  0.12-0.15  V.  Thus,  under  these  conditions  the 
reaction  occurs  with  an  appreciable  overvoltage.  For  a  current  density 
of  roughly  5*10“®  A/cm^  for  a  given  concentration  and  rate  of  mixing  a 
limiting  diffusion  current  is  attained  for  the  reaction.  The  slowing 
down  of  potential  changes  for  current  densities  greater  than  6*10”^  A/cm^ 
is  determined  by  the  process  of  hydrogen  evolution  on  the  electrode.  When 
the  Fe(CN)6”  concentration  is  decreased  10  times  the  limiting  diffusion 
current  decreases  approximately  10  times.  On  switching  to  an  even  lower 
concentration  this  proportionality  is  destroyed  since  a  side  reaction,  viz., 
the  ionization  of  oxygen,  start^  and  this  ionized  oxygen  goes  into  solution 
from  the  nitrogen  passing  through  the  solution  (the  nitrogen  contains 
oxygen).  Consequently,  at  low  concentrations  of  the  oxidizing  agent 
K3Fe(CN)6  on  the  platinum  electrode  during  titration,  a  stationary  potential 
which  is  displaced  from  the  equilibrium  potential  on  the  positive  side  by 
the  action  of  an  other  oxidizing  agent  -  oxygen  —  should  be  established 
instead  of  the  equilibrium  potential. 

Anodic  polarization  is  accompanied  by  the  oxidation  of  Fe(CN)6"  to 
Fe(CN)e“’  ions.  Since  the  concentration  of  Fe(CN)6“  ions  was  the  same  in 
all  experiments,  the  curves  of  anodic  polarization  obtained  agree  very  well 
among  themselves. 

We  introduce  a  correction  for  concentration  polarization  to  the  curve 
for  cathodic  overvoltage  on  the  basis  of  the  limiting  current  density  observed, 
i^,  and  the  tangent  b  =  0.12-0.15  V.  The  magnitude  of  the  correction  for 
concentration  polarization  when  overvoltage  occurs  [12],  can  be  calculated 
by  means  of  the  formula 


=  -  b  log  (1  -  ~) 

where  i  is  the  current  density. 

It  is  evident  from  Fig.  2  (where  the  corrected  values  are  denoted  by  crosses 
within  circles)  that  on  approaching  the’  limiting  current  the  shape  of  the  over¬ 
voltage  curve  clearly  deviates  from  a  straight  line.  It  may  be  postulated  that 
at  high  current  densities  a  slowdown  of  the  reaction  occurs  which  is  connected 
with  the  approach  to  the  potential  of  a  null  charge  of  the  platinum  [6],  the 
magnitude  of  which  is  somewhat  greater  than  0.2  V  for  a  weakly  oxidized 
platinum  surface. 

From  these  experiments  it  follows  that  in  accordance  with  theory,  in  the 
region  of  potentials  at  which  the  concentration  polarization  is  insignificant, 
the  velocity  of  the  cathodic  process  for  ferrocyanide  reduction  Increases 
proportionally  to  the  concentration  of  Fe(CN)6“  ions  (Curves  1,  2,  and  3, 

Fig.  2).  Thus,  with  increasing  concentration  of  oxidizing  agent  for  equal 
differences  between  electrode  potential  and  the  potential  of  the  solution, 
the  reduction  of  the  oxidizing  agent  speeds  up.  Consequently,  the  rate  at 
which  the  equilibrium  potential  is  established  in  the  more  dilute  solutions 
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will  be  less,  since  for  equal  capacities  of  the  double  layer,  the  change  in  its 
potential  for  the  lower  velocities  of  the  electrochemical  process  will  be 
slower. 

We  have  derived  a  formula  for  the  theoretical  calculation  of  the  time 
required  to  establish  the  equilibrium  potential.  It  is  known  that  for  low 
values  of  the  overvoltage,  n  may  be  approximately  regarded  as  being  a  linear 
function  of  current  density; 

n  =:  b'l,  (1) 

On  the  other  hand,  the  relation  between  the  amount  of  electricity  passed 
through  the  electrode  in  a  time  and  the  potential  change  of  the  electrode 
dij  is  related  to  the  electrical  capacity  of  the  electrode  C  by  the  following 
equation: 

Idt  CdJ?.  (2) 

From  equations  (l)  and  (2) 

dt  -b'C 


it  follows  that 
da 
n 


On  integration  we  got 


*»t 


dt  “b*C 


t  Cb*  -2.^  log 


where  Hots  the  overvoltage  at  the  beginning  (t  =  0),  nt  is  the  overvoltage 
at  time  t  .  The  value  of  b*  can  be  found  frcM  equation  (l)  by  means  of  Fig.  8, 
by  taking  into  account  that  for  a  cathodic  process,  by  definition 
where  <fo  is  the  equilibrium,  electrode  potential  and  ^  the  non-equilibrium, 
potential.  From  ^ig,  8,  on  which  the  first  sections  of  the  cathodic  cujrves  of 
Fig.  3  plotted  in  linear  coordinates,  are  depicted,  it  is  evident  that  in  a 

solution" of  2*10"'*M  K:3Fe(C!J)0  (Curve  l) 
b'  ~  2000  Q  while  in  a  solution  of  2‘*10‘"®M 
(Cur/e  2)  b'  =  10000  0  5  consequently  the 
rate  at  which  the  potential  is  established 
is  slower  in  the  more  dilute  ferricyanide 
solution.  For  a  change  in  potent ,1a  1  of 
0.1  V,  i.e.  for  ==  ^ 

accuracy  of  measurement  of  0.001  V,  l.e„ 
at  iit  -  0.001  V,  we  can  get  the  times 


for  the  equilibrlumi  potential  to  be 

estab.lished  from,  formula  (3); 
for  curve  1  ^ 

t  =  200-l0-®-2-10^-2.3  leg 


1„8  sec. 


coefficient  b’  in  the  system 
Fe(CN)i“  -  Fe(CN)|"; 

1)  2-10“%  K3Fe(CN)6;  2»10‘’Sm 
K4Fe(CN)6;  IM  H2SO4;  2)  2* 10“^ 
K3Fe(CN)65  2*10*^M  K:4Fe(CN)e| 

IM  H2SO4;  3)  2*10“Sm  K3Fe(CN)6; 
2*iO-s^J.K4Fe(CN)6;  O.O5  M  H2SO4 


M. 


for  curve  2 

t  200«10-®-10*10®'2.3  log  10^  9  sec. 

From  this  calculation  it  is  obvious  that 
for  the  solution  compositions  Indicated 
the  potential  should  be  estab.lished  in 
the  course  of  seconds,  i.e.,  it  is 
obviously  slow  because  of  the  overvoltage 
of  the  oxidation-reduction  process. 
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However,  a  comparison,  of  the  rate  at  which  the  potential  is  established  during 
potent iome trie  titration  shows  that  the  rate  at  which  the  electrode  potential 
is  established  should  not  in  practice  limit  the  rate  of  potent lometric  titration 
processes  which  occupy  30-50  minutes,  according  to  the  results  of  many  authors 
[1,2]. 

In  order  to  confirm  the  results  of  this  calculation,  the  rate  at  which  the 
equilibrium  potential  is  established  was  verified  experimentally.  By  means  of 
cathodic  and  anodic  polarization  the  electrode  potential  was  adjusted  to  a  def¬ 
inite  value  in  the  respective  solutions,  after  which  the  polarization  current 
was  Interrupted  and  the  time  rate  at  which  the  equilibrium  value  of  potential  was 
established  was  measured. These  experiments  showed  that  the  experimental  curves 
for  the  change  of  potential  with  time  agree  satisfactorily  with  theory;  the 
electrode  potential  is  established  in  the  course  of  seconds  and  tens  of 
seconds  (Fig.  9;  see  page  29^),  with  an  accuracy  of  1  mV. 

Electrochemical  experiments  showed  in  this  way  that  the  slowness  of 
the  titration  of  zinc  with  ferrocyanide,  to  which  many  authors  have  referred, 
is  not  determined  by  the  slow  rate  of  the  electrochemical  oxidation-reduction 
process  on  the  electrode.  It  may  be  postulated  that  this  phenomenon  is 
related  to  the  slowness  of  the  chemical  processes  in  solution,  and  this  is 
confirmed  by  experiments  on  the  direct  potent iome trie  titration  of  zinc  under 
varying  conditions  (Fig.  6).  None  of  the  following  factors  seemsto  have  a 
decisive  effect  on  the  velocity  of  the  titration  process;  temperature, 
mixing  rate,  method  of  addition  and  concentration  of  f erricyanide .  The  duration 
of  titration  Increases  sharply  on  switching  over  from  titration  in  acid  to 
titration  in  neutral  solution, and  if  potassium  sulfate  is  not  added  to  the 
solutions  instead  of  6-8  minutes  (Curves  1,  2  and  5,  Fig.  6)  the  titration 
of  an  equal  amount  of  zinc  takes  45  minutes  (Curve  4,  Fig.  6).  Apparently, 
under  these  conditions  a  compound  is  initially  precipitated  which  is  richer 
in  zinc^],  and  which  only  reacts  slowly  with  potassium  ions  to  form  a  double 
salt  of  potassium- zinc  ferrocyanide.  Thus,  the  following  reaction  probably 
occurs  in  neutral  solution*. 

2Zn^‘^  +  Fe(CN)|*  =  Zn2Fe(CN)6, 

this  is  succeeded  slowly  (for  structural  reasons)  by  the  reaction 
2Zn2Fe(CN)6  +  2Kr*‘  =  Zn3[KFe(CN)6]2  +  Zn^"*". 

When  this  occurs  one  quarter  of  the  zinc  which  reacted  initially  is 
freed  and  an  additional  two  thirds  of  a  g-ion  of  ferrocyanide  is  expended 
in  the  formation  of  a  mole  of  the  double  salt  if  2  g-ions  are  required  for 
the  completion  of  the  rapid  reaction.  That  the  reaction  mechanism  during 
titration  in  neutral  solution  is  of  this  type  is  confirmed  by  the  shape  of 
the  potent iometric  curve  (Curve  4,  Fig.  6).  The  potential  decreases  rapidly 
when  3/4  of  the  amount  of  ferrocyanide  needed  for  completion  of  the  precipita¬ 
tion  has  been  added.  Only  after  10-12  minutes  does  the  potential  rise  again, 
to  drop  after  the  addition  of  new  portions  of  ferrocyanide  in  an  amount  equal 
to  3/4  of  that  remaining, for  completing  the  reaction. 

We  showed  experimentally  that  the  formation  of  a  double  salt  of  zinc  and 
potassium  ferrocyanide  is  speeded  up  in  the  presence  of  sulfuric  acid.  This 
may  be  explained  by  the  fact  that  the  HFe(CN)6”  ion  participates  in  the 
Intermediate  stage  of  the  reaction;  e.g.  in  a  weakly  acid  solution  (Curve  2, 

Fig.  6)  the  following  reactions  may  probably  take  place  rapidly 

Zn^"^  +  HFe(CN)i"  =  ZnHFe(CN);  ;  2ZnHFe(CN)6  +  Zn^'^  =  Zn  3[HFe(CN)6]2, 


The  possibility  of  such  a  reaction  is  confirmed  by  published  results. 
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and  these  molecules  exchange  hydrogen  for  potassium  relatively  quickly.  This 
exchange  should  be  speeded  up  even  more  on  increasing  the  potassium  ion  concen¬ 
tration  in  solution,  as  vas  confirmed  by  our  experiments. 

In  even  stronger  acid  solutions  the  following  reactions  probably  occur 

Zn2+  +  H2Fe(CN)i“  =  ZnH2Fe(CN)6, 


or 

Zn2+  +  H2Fe(CN)i'  =  ZnHFe(CN)6  +  H**-. 

and  the  reaction  product  can  react  without  hindrance  with  zinc  to  form 
Zn3[HFe(CN)6]2. 

The  basis  for  these  assumptions  is  the  fact  that  ferrocyanic  acid  does 
not  dissociate  completely.  The  constants  for  the  third  and  fourth  stages  of 
dissociation  of  this  acid  according  to  Nekrasov  and  Zotov  [l4],  are  respectively 
equal  to  K3  =  10“®  and  K4  =  In  1  M  acid  solution,  in  which  =  1, 

[HFeCCN)!*]  10"'^  _  0.1 

[HzFeCCN)^  ]  *  [H+]  100 

In  10"^M  acid  solution  [H+]  =  2*10‘® 

[HFe(CN)§“]  10-^  ^ 

2*10-^  ~  66 

(in  1  M  solution,  sulfuric  acid  practically  dissociates  only  to  the  first  stage 
and  in  10“®M  solution  to  both  stages).  Further,  in  10”®M  acid  solution 

[Fe(CN)^"]  3»10*^  ^»10*^  0.82 

[HFe(OT)g  ]  '  [H^]  2 •10**'^  33 

Consequently,  Iji  1  M  sulfuric  acid  solution  the  HgFe(CN)e“  ion  dissociates  to 
H"*"  and  HFe(CN)6  to  the  extent  of  0.1^,  and  in  10**^M  sulfuric  acid  the  extent 
of  dissociation  is  35^,  while  the  Fe(CN)t“  ions  in  the  first  case  form  to  the 
extent  of  only  0.00001^  and  in  the  second  case  0.8^. 

A  consideration  of  Curve  3,  Fig.  3,  which  characterizes  the  effect  of 
sulfuric  acid  concentration  on  the  rate  of  the  electrode  reaction  brings  to 
light  the  fact  that  the  equilibrium  potentials  of  the  ferri-ferrocyanide 
electrode  in  1  M  and  O.O5  M  solutions  of  sulfuric  acid  are  strongly  displaced 
relative  to  one  another. 


Ignoring  the  activity  coefficients  we  can  calculate  approximately  how 
much  the  equilibrium  potential  of  the  electrode  will  be  displaced  on  switching 
from  a  IMtoa  0.05M  solution  of  sulfuric  acid. 


If  it  is  assumed  that  the  electrode  potential  is  determined  by  the  equation 
H2Fe(CN)i“  =  Fe(CN)i“  +  2H'*’  +  e. 


then 


^  FT  , 

<P=  <Po  +  ^  In 


[Fe(CN)r] 

[H2Fe(CN)g-] 


Actually  it  follows  from  Fig.  3  that  at  high  acid  concentrations  the  equilibrium 
potential  changes  approximately  proportional  to  the  logarithm  of  the  square  of 
the  hydrogen  ion  concentration.  This  fact  confirms  the  correctness  of  the 
assumption  that  it  is  the  H2Fe(CN)6”  ions  and  not  the  Fe(CN)^"  ions  which 
participate  in  the  electrochemical  reaction  on  the  electrode  at  low  pH's  (0-2). 
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This  assumption  is  also  confirmed  hy  what  follows  below.  If  two  hydrogen 
ions  participate  in  the  oxidation-reduction  electrode  reaction,  then  on 
Increasing  the  hydrogen  ion  concentration  17  times  the  rate  of  the  cathodic 
reduction  of  ferrocyanide  should  increase  290  times  [5].  If  we  compare  the 
velocity  of  the  processes  to  which  Curves  2  and  3,  Fig.  3  correspond  at  a 
potential  e.g.  of  0.5  V,  then  in  1  M  sulfuric  acid  (by  extrapolation  of  Curve  2, 
i.e.,  in  the  absence  of  concentration  polarization)  the  process  is  speeded  up 
approximately  300  times  as  compared  with  the  process  in  0.05  M  sulfuric  acid, 
in  which  the  amount  of  free  1"*“  ions  Is  l/l7th  of  that  in  1  M  solution.  Thus, 
the  kinetic  relations  also  confirm  the  hypothesis  of  the  participation  of 
HeFe(CN)i*’  ions  in  the  potent iometrlc  reaction. 

We  shall  now  consider  the  effect  of  aluminum  ions  on  the  character  of 
the  potent iometrlc  curves  on  the  one  hand, and  on  the  kinetics  of  the  electrode 
reaction  on  the  other. 

The  experiments  which  we  carried  out  on  the  potent iometrlc  titration  of  zinc 
in  the  presence  of  aluminum  salts  (Fig.  7)  showed  that  aluminum  salts  actually 
interfere  with  the  titration  since  they  smooth  out  the  potential  jumps  at  the 
equivalence  point,  their  effect  being  greater  the  higher  their  concentration. 
Polarization  curves  for  the  system  Fe(CN)i”  “  HeFe(CN)i“  in  the  presence  of 
aluminum  salts  at  a  concentration  of  0.l6  M  (Curve  2,  Fig.  5)  almost  fuse 
with  the  curves  taken  in  the  absence  of  these  salts  (Curve  3,  Fig.  5)»  This 
indicates  that  the  aluminum  salts  at  a  given  concentration  in  practice  do  not 
Impede  the  electrochemical  reaction  on  the  electrode;  otherwise  the  overvoltage 
of  the  cathodic  reduction  process  of  the  Fe(CN)i*  ions  in  the  presence  of 
aluminum  salts  would  be  considerably  greater.  At  a  concentration  of  0.5^  M 
for  the  aluminum  salt  a  fair  degree  of  interference  is  observed,  particularly 
for  small  negative  charges  on  the  platinum  surface,  at  potentials  of  0.25-0,05  V 
(Fig.  5>  curve  l).  Nevertheless,  at  the  potentials  in  which  we  are  interested 
and  which  are  near  to  the  equilibrium  potentials  for  the  system  Fe(CN)i"  to 
H2Fe(CN)6“,  no  essential  slowing  down  is  observed  even  for  large  concentrations 
of  aluminum  ions. 

On  the  basis  of  these  experiments  it  may  be  concluded  that  the  anomaly 
observed  in  the  potent iometrlc  titration  curves  (Fig.  7)  cannot  be  explained 
by  the  slowing  down  of  the  electrode  reaction,  but  is  caused  apparently  by 
chemical  interaction  of  aluminum  ions  with  ferrocyanide  ions,  leading  to  the 
formation  of  soluble  but  practically  nondls soda ting  aluminum  ferrocyanide 
Al4[Fe(CN)e]3.  Actually,  the  equilibrium-reduction  potential  of  the  solution 
shifts  to  the  positive  side  on  increasing  the  concentration  of  aluminum  salts, 
which  indicates  a  decrease  in  the  activity  of  the  reducing  ion  Fe(CN)6”. 

Moreover,  on  combining  the  aluminum  into  the  stable  oxalate  complex, the  titra¬ 
tion  curve  acquires  a  normal  shape  (Curve  4,  Fig.  7)5  "the  distortion  observed 
(Curves  2  and  3,  Fig.  j)  is  completely  eliminated.  Thufi^  the  reason  why 
aluminum  affects  the  behavior  of  the  electrode  system  f err Icyanide -ferro¬ 
cyanide  has  not  been  correctly  explained  hitherto. 

The  facts  adduced  above  show  that  the  slowness  of  the  titration  processes 
with  ferrocyanide  and  the  distortion  of  the  shape  of  the  potent iometrlc  curve 
for  all  the  conditions  examined  are  related  to  difficulties  of  chemical  reaction 
in  solution,  and  not  to  the  electrode  react ion, which  takes  place  rapidly  enough 
in  the  cases  considered. 

The  study  of  the  reaction  kinetics  in  the 'present  work  serves  as  a 
theoretical  basis  for  the  potentiometric  methods  worked  out  by  us  for  the 
determination  of  zinc  in  magnesium  [4]  and  aluminum  alloys  [11  ]. 
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SUMMARY 


1.  By  taking  polar iMt ion  curves  (overvoltage  curves)  and  by  determining 
potential  changes  with  time,  the  kinetics  of  the  establishment  of  oxidation- 
reduction  potentials  In  the  system  Fe(CN)i“  —  H2Fe(CN)6  on  a  platinum 
electrode  has  been  studied. 

2.  The  time  required  for  the  equilibrium  to  be  established  as  calculated 
from  the  polarization  curves^  and  also  the  potential  changes  with  tim^ 
determined  dlrectlj^  showed  that  the  potential  In  the  system  Is  established 
rapidly  (in  the  course  of  seconds),  so  that  the  slowness  of  the  potent lame trie 
titration  process  (tens  of  minutes)  cannot  be  the  result  of  the  slowness  of 
the  electrode  reaction. 

3.  On  the  basis  of  direct  potent iometrlc  titration  under  different 
conditions  It  has  been  shown  that  the  slowness  of  the  titration  process  Is 
related  to  the  unfavorable  course  of  chemical  reactions  In  solution. 

4.  It  has  been  shown  that  the  factor  which  Increases  the  rate  of  titra¬ 
tion  of  zinc  with  ferrocyanlde  Is  the  presence  of  H  and  Ions  In  solution, 
and  a  mechanism  Is  advanced  for  the  accelerating  action  of  these  Ions. 

5.  Polarization  measurements  which  were  carried  out  showed  the  error 
of  the  viewpoint  current  In  the  literature  that  large  amounts  of  aluminum 
salts  desensitize  the  platinum  electrode  during  titration  with  ferrocyanlde 
Ions,  l.e.,  that  the  aluminum  Ions  hinder  the  oxidation-reduction  electro¬ 
chemical  reaction  on  the  electrode.  The  Influence  of  aluminum  Ions  can 
apparently  be  attributed  to  their  chemical  interaction  with  ferrocyanlde 
Ions, leading  to  the  formation  of  the  soluble  but  practically  non-dlssoclating 
compound  Al4[Fe(CN)6]3  aluminum  ferrocyanlde. 

Combining  aluminum  Into  an  oxalate  complex  destroys  the  distortion  of 
the  potent Iometrlc  titration  curves. 

6.  In  considering  the  effect  of  sulfuric  acid  on  the  polarization  curves. 

It  has  been  shown.  In  agreement  with  published  material,  that  the  electro¬ 
chemical  reaction  on  the  platinum  electrode  In  strongly  acid  solutions  of 
ferrocyanlde  In  which  hydrogen  Ions  participate  proceeds  according  to  the 
following  scheme 

2H+  +  Fe(CN)i‘  +  e  - -  B2Fe(CN)i“, 

and  not  by  the  scheme 

Fe(CN)i“  +  e  - ►  Fe(CN)^*, 

while  the  electrode  potential  is  determined  by  the  equation 

«  =  «o  + 

7.  The  method  adopted  by  the  authors  for  taking  and  analyzing  polariza¬ 
tion  curves  as  applied  to  the  system  Fe(CN)i‘‘  —  H2Fe(CN)|“,  Is  a  suitable 
method  for  studying  the  rate  of  a  number  of  electrode  reactions,  in  particular 
those  which  occur  during  potent iometrlc  analysis. 
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Fig.  9.  Experimental  curve  for  potential  changes  of 
the  platinum  electrode  with  time  in  the  system 
Fe(CN)i‘‘  -  Fe(CN)S“  :  IQ3Fe(CN)6  =  1-10"5  M; 
K4Fe(CN)6  =  1-10-5  M;  H2:S04  -0.05  M. 
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EXTRACTION  OF  MOLYBIENIIM  FROM  HYDROCHLORIC  ACID 
SOLUTIONS  BY  MEANS  OF  ETHER 

I.  P.  Allmarln  and  V.  N.  Polyansky 
The  M.  V.  Lomonosov  Moscow  Institute  of  Fine  Chemical  Technology 


The  use  of  organic  solvents  in  extraction  techniques  for  various  metal 
complexes  in  order  to  determine  the  metals  quantitatively  is  continuously 
gaining  greater  Importance  in  analytical  chemistry. 

Many  methods  have  appeared  in  recent  years  for  separating  the  most 
varied  compounds  of  the  elements  by  extraction  techniques  Involving  organic  re¬ 
agents.  Despite  the  undoubted  practical  Interest  of  extraction  methods  and  their 
application  to  the  separation  of  inorganic  compounds.  Insufficient  Interest  has 
been  displayed  in  the  separation  of  Inorganic  complex  compounds  by  extraction. 

A  quantitative  separation  of  certain  metals  directly  from  an  acid 
solution  Immediately  after  an  aliquot  has  been  dissolved  is  particularly 
attractive.  In  this  connection  the  extraction  of  the  chloride  complexes 
of  heavy  metals  during  alloy  analysis  is  of  particular  interest. 

Although  the  extraction  of  several  metallic  chlorides  especially 
ferric  chloride  has  been  used  for  a  long  time  in  analytical  practice, 
the  results  given  in  the  literature  completeness  of  the  extraction 

of  chloride  by  ether  and  by  other  organic  extractors  under  varying  conditions 
[1,2,5]  (See  Table  1)  are  not  full  enough.  In  this  connection  it  is  probably 
the  chloride  of  iron  [l,^]  and  gallium  [5],  which  have  been  studied  in  greatest 
detail. 

TABLE  1 


Extraction  of  various  complex  chlorides  from  hydrochloric  acid  solution  by 
means  of  ether  [l] 


Element 

Valency 

Extracted 

1%) 

Element 

Valency 

Extracted 

Vanadium 

IV 

Traces 

Tin 

IV 

17 

n 

V 

It 

II 

II 

15-50 

Gallium 

III 

97 

Platinum 

IV 

Traces 

Germanium 

IV 

40-60 

Mercury 

II 

0.2 

Iron 

III 

99 

Selenium 

IV 

Traces 

Gold 

III 

95 

Antimony 

III 

6 

Indium 

III 

Traces 

n 

V 

81 

Iridium 

IV 

5 

Thalium 

III 

90-95 

Copper 

II 

•  0.05 

Tellurium 

IV 

34 

Molybdenum 

VI 

80-90 

Phosphorus 

V 

Traces 

Arsenic 

III 

68 

Zinc 

II 

0.2 

.  It 

V 

2-4 
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According  to  the  scant  published  material  [1,3]  the  chloride  complex  of 
molybdenum  is  extracted  to  a  fair  extent.  We  accordingly  carried  out  experi¬ 
ments  in  which  we  studied  the  completeness  of  ether  extractions  for  the 
molybdenum  chloride  complex  at  various  hydrochloric  acid  concentrations  in 
order  to  find  the  optimum  conditions  for  the  quantitative  separation  of  molybdenum 
from  other  chlorides  whose  chlorides  are  not  extracted  by  ether. 

EXIERIMENTAL 


The  starting  material  was  (NH4)2Mo04  prepared  by  recrystallization  of  the 
paramolybdate  from  alcohol.  Using  this  material,  a  solution  was  made  in 
which  the  molybdenum  content  was  determined  gravimetrically  by  precipitation 


Flgo  1.  Relation  between  ^  extraction 
of  molybdenum  and  hydrochloric  acid 
concentration  (2  mg  Mo  in  50  ml). 


as  lead  molybdate.  Molybdenum  chloride 
was  extracted  at  various  hydrochloric 
acid  concentrations.  In  each  case 
ether  saturated  with  the  same  strength 
of  hydrochloric  acid  as  in  the  aqueous 
solutions  was  used.  In  all  cases  the 
same  volume  of  aqueous  solutions  (50  ml) 
was  extracted,  using  the  same  volume 
of  ether  saturated  with  hydrochloric 
acid  at  the  same  concentration  as  in 
the  aqueous  solution. 

The  amount  of  m.olybdenum  extracted 
with  ether  and  that  remaining  in  aqueous 
solution  was  determined  photo color i- 
metrically  using  the  molybdenum- 
ammonium  thiocyanate  color  [6]. 

The  results  thus  obtained  are 
adduced  in  Table  2  and  Fig.  1. 


The  results  show  that  optimum  molybdenum  extraction  with  ether  is 
obtained  from  solution  of  5-6  N  acid*,  greater  or  lower  acid  concentrations 
lead  to  a  decrease  in  the  amount  of  molybdenum  extracted  from  the  aqueous 
solutions.  This  fact  can  be  explained  as  follows.  An  increase  in  molybdenum 
extraction  with  increasing  hydrochloric  acid  concentration  is  a  consequence 
of  a  more  complete  formation  of  the  complex  acid  HLMoOCIs]  or  H[Mo02Cl3], 


TABUE  2 


Percentage  extraction  of  the  chloride  complex 
of  molybdenum  with  ether 


Concentration  of 
HCl  in  the 
aqueous  phase, 
(normality) 

Mo  taken 
in  mg 

Mo  found  In 
the  aqueous 
layer  in  mg 

^  Mo 

extracted 

0.9 

2.00 

1.62 

19.0 

1.7 

2.00 

1.19 

40.5 

3.4 

2.00 

0.78 

61.0 

5.2 

2.00 

0.31 

a4,5 

6.0 

2.00 

0.54 

85.0 

6.9 

2.00 

0.57 

71.5 

On  the  other  hand, 
an  Increase  in  hydro¬ 
chloric  acid  concen¬ 
tration  l.eads  to  greater 
solubility  of  ether  in 
the  aqueous  phases  which 
in  its  turn  affects  the 
solubility  of  the 
complex  coro.pound  in  the 
aqueous  phase .  Thus 
8^  ether  will  dissolve 
in  0.9  N  HCl,  while 
in  1.7,  5.4,  and  5-2  N 
HCl  the  solubilities  of 
ether  are  10,  12,  and  19^, 
respectively.  Measure¬ 
ments  of  the  acidity  of 
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the  aqueous  solution  showed  that  the  amount  of  acid  "before  and  after  extraction 
remains  practically  unchanged. 

It  is  of  Interest  to  note  that  maximum  extraction  of  the  chloride  complexes 
of  iron  and  gallium  also  occurs  at  approximately  the  same  acid  concentration. 

There  are  indications  in  the  literature  [7],  that  certain  chloride s^e.g.^ 
NH4CI,  CaCl2,  and  AICI3,  increase  the  percentage  of  molybdenum  extracted.  Our 
work  showed  that  the  addition  of  these  salts  did  not  have  any  essential 
effect  on  the  extraction  of  molybdenum  from  hydrochloric  acid  solutions  by 
ether. 


In  order  to  determine  how  the.^- completeness  of  the  extraction  of  molybdenum 
depends  on  the  number  of  extractions,  repeated  extractions  were  made  of  the 
same  solution  under  optimum  conditions  (5-2  N  HCl)  (See  Table  5). 


TABLE  3 

Extraction  of  the  molybdenum  chloride  complex  after 
repeated  extractions 


No.  of 
extractions 

Mo  extracted 

ii) 

^  of  original  Mo 
extracted 

1 

84.5 

84.5 

2 

78.0 

96.0 

3 

70.3 

99.0 

k 

^70.0 

-99.5 

Fig.  2.  Apparatus  for 
automatic  extraction 
with  ether. 


Extractions  were  carried  out  both  by  extraction 
in  the  usual  separating  funnels  by  snaking,  and  in  a 
special  automatic  apparatus.  During  work  with 
separating  funnels  the  relation  between  percentage 
extraction  and  time  of  shaking  was  checked.  Shaking 
was  done  for  1.5  and  10  minutes,  there  was  no 
difference  in  the  percentage  extraction. 


In  order  to  extract  the  molybdenum  chloride 
‘-complex  automatically  the  apparatus  shown  in 
Fig.  2  was  used.  This  enabled  extraction  to  be 
carried  out  with  small  amounts  of  ether  (20-30  ml)  in  a  comparatively  short 
time.  Thus  10  ml  of  a  solution  containing  2  mg  molybdenum  after  extraction 
with  ether  saturated  with  hydrochloric  acid  gave  a  negative  reaction  with 
ammonium  thiocyanate  after  20  minutes. 


The  use  of  an  automatic  extraction  apparatus  enables  one  not  only  to 
economize  on  organic  solvent  but  also  to  eliminattethe  operation  of  pouring 
the  aqueous  solution  from  one  separating  funnel  to  another  during  repeated 
extractions,  this  being  an  operation  which  is  accompanied  by  loss  of  the 
extracted  material.  In  addition,  by  working  with  the  automatic  apparatus, 
one  can  do  without  a  fume  chamber  because  the  loss  of  extracting  solvent  is 
negligible. 


SUMMARY 


1.  Experiments  lare  shown  that  small  amounts  of  molybdenum  can  be  rapidly 
and  quantitatively  extracted  from  aqueous  solution  containing  5-6  N  hydro¬ 
chloric  acid  by  means  of  ether.  This  enables  molybdenum  to  be  separated 
simply  from  a  number  of  other  elements  whose  chlorides  are  not  extracted  by 
ether. 
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2.  It  has  heen  established  that  the  percentage  of  molybdenum  extracted 
depends  to  a  considerable  extent  on  the  concentration  of  hydrochloric  acid, 

3.  The  use  of  an  extraction  apparatus  cuts  down  the  extraction  time 
for  molybdenum.  Increases  the  percentage  extraction,  and  reduces  the  loss 
of  extracted  material  to  a  minimum. 

I 

Received  November  l4th,  1952 
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THE  APPLICATION  OF  THE  ULTRAVIOLET  IN  ANALYTICAL  CHEMISTRY 


h,  THE  COLORIMETRIC  DETERMINATION  OF  BISMUTH  IN  THE  IKESENCE  OF 

LARGE  AMOUNTS  OF  I£AD 

I.  A.  Stolyarova 

The  A.  A.  Zhdanov  Leningrad  State  University 


One  of  the  basic  requirements  of  the  methods  normally  used  for  the  colori¬ 
metric  determination  of  bismuth  is  the  absence  of  lead  in  the  test  solution. 

This  applies  to  such  methods  of  determining  bismuth  as  those  involving  its 
determination  as  its  iodide  complex  [l],  as  colloidal  bismuth  sulfide,  and 
also  as  the  quinine  or  cinchonine  salts  with  the  iodide  complex  of  bismuth. 

The  method  in  which  bismuth  is  determined  as  its  complex  with  thiourea  [2], 
although  it  enables  determinations  to  be  carried  out  in  the  presence  of  lead, 
nevertheless  requires  a  knowledge  of  the  amount  of  lead  present,  since  the 
latter  affects  the  bismuth  calibration  curve.  Determination  of  bismuth  in 
the  presence  of  lead  as  its  thiocyanate  complex  [5],  is  complicated  by  the 
fact  that  colorimetric  determinations  are  carried  out  in  sulfuric  acid  media*. 

Other  heavy  metals  in  addition  to  lead  interfere  with  bismuth  determinations. 

In  the  present  work  the  difference  in  the  behavior  of  the  ccmiplex  compounds 
of  bismuth  and  lead  with  potassium  bromide  with  respect  to  absorption  of  rays 
of  wave  length  X  =  365  m/x  is  used  as  a  basis  for  colorimetric  determination 
of  bismuth  in  the  presence  of  lead. 

Bismuth  was  determined  using  a  photometer  adapted  for  ultraviolet  work  [4]. 

The  light  source  was  a  mercury  high  pressure  lamp,  the  IWC-4.  Ultraviolet 
radiation  of  X=  365  m#x  was  Isolated  by  means  of  a  UFS-3  light  filter.  In 
order  to  determine  the  absorption  of  the  365  dim  ultraviolet  radiation  by  the 
test  solution,  a  fluorescent  screen, the  photo luminescence  of  which  was  excited 
by  light  of  the  given  wave  lengtt^  was  used.  The  amount  of  ultraviolet  absorption 
was  measured  by  photocolorlmetric  comparison  of  the  intensities  of  the  photo¬ 
luminescence  of  the  two  halves  of  the  photometer  field.  The  photoluminescence 
of  one  half  was  excited  by  the  ultraviolet  radiation  passing  through  the  solvent 
(water  in  this  case),  while  the  other  half  was  excited  by  that  passing  through 
the  solution.  Comparison  of  both  halves  was  made  by  means  of  a  stop,  the 
drum  of  which  was  graduated  in  terms  of  optical  density. 

Using  a  Beckmam spectrophotometer  we  got  absorption  curves  for  lead  acetate 
in  1.45  M  potassium  bromide  and  for  bismuth  chloride  in  0.53  M  potassium  bromide. 
The  absorption  curves  obtained  (Fig.  l)  coincide  very  well  with  the  curves 
obtained  by  Fromherz  and  Kun-Hoy-Lih  [5],  and  Schaefer  and  Hein  [6].  From 
these  absorption  curves  it  is  obvious  that  at  X  =  365  m  p ,  the  complex  of 
bismuth  with  potassium  bromide  has  a  maximum  absorption,  the  absorption  coefficient 
being  high  enough  for  carrying  out  sensitive  colorimetric  determinations  of 
bismuth.  The  absorption  of  the  given  line  (  X  =  365  m/i  )  by  the  complex  formed 
between  lead  and  i)otasslum  bromide  is  insignificant. 

Solutions  of  bismuth  chloride  and  lead  chloride  and  a  saturated  solution  of 
potassium  bromide  in  the  cold  (4.4l  M)  were  used. 
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The  effect  of  various  amounts  of  potassium  bromide  on  the  absorption  of 
the  bismuth  complex  was  checked  first.  Potassium  bromide  itself  does  not 
exhibit  any  absorption  in  the  region  \  =  565  its  maximum  absorption 
{log  Kniax  =  ^.04)  Is  located  at  =  ^55  mM  [TI*  The  results  obtained  for 

two  different  bismuth  concentrations  for  various  amounts  of  potassium  bromide 
are  represented  in  Fig.  2,  where  it  can  be  seen  that  in  order  to  get  maximum 
absorption  for  the  bismuth  complex  a  concentration  of  0.4  M  potassium  bromide 
in  the  test  solution  is  sufficient)  an  excess  of  potassium  bromide  at  the  above 
concentration  has  no  effect. 


Fig.  1.  Absorption  curves  for  the  Fig. -2.  Effect  of  potassium  bromide 

ions  Pb^+  +  KBr  and  Bi®‘*‘  +  KBr.  on  the  absorption  of  the  bismuth 

complex . 

Experiments  carried  out  in  order  to  fix  the  concentration  of  potassium 
bromide  necessary  to  give  maximum  absorption  for  the  lead  complex  showed  that 
increasing  the  concentration  of  potassium  bromide  up  to  the  point  where  the 
solution  is  saturated  with  it  in  the  cold  leads  to  an  ever  increasing  absorption 
by  the  complex,  i.eo,ln  order  to  get  maximum  absorption  by  the  complex  a  large 
excess  of  potassium  bromide  is  necessary.  This  indicates  a  greater  stability 
for  the  bismuth  complex  as  compared  with  the  lead  complex,  and  favorably  affects 
the  determination  of  bismuth  in  the  presence  of  lead.^' 

Subsequently  the  effect  of  hydrochloric  acid  and  chlorides  on  the  absorp¬ 
tion  of  the  bismuth  complex  was  studied.  Hydrochloric  acid  Itself  does 
exhibit  ultraviolet  absorption  at  X  =  565  m^i.  The  maximum  absorption  of 
the  hydrated  chloride  ion  lies  at  X  =  181  m|i  [7].  Bismuth  however  readily 
forms  complex  chlorides  with  hydrochloric  acid;  it  was  essential,  therefore, 
to  check  the  effect  of  hydrochloric  acid  on  the  ultraviolet  absorption  of 
the  bismuth  complex  with  potassium  bromide.  Experiments  were  carried  out 
with  bismuth  solutions  in  O.5  M  potassium  bromide  in  which  the  hydrochloric 
acid  concentration  was  varied.  It  was  shown  that  increasing  the  concentra¬ 
tion  of  hydrochloric  acid  to  more  than  0.2  N  decreases  the  absorption  of 
radiation  of  X  «  565  mM  by  the  test  solution  ( see  Table  l) . 

This  is  explained  by  the  fact  that  bismuth  forms  a  complex  with 
hydrochloric  acid  which  has  a  maximum  absorption  at  X  =  522  mfi  [6],  Schaefer 
and  Hein  explain  this  maximum  by  the  fonnation  of  a  complex  ccMpound 
H3[B1C1^], the  absorption  of  which  is  constant  in  10-15  N  hydrochloric  acid, 

1)  Experiments  with  the  lead  complex  in  potassium  bromide  were  carried  out  in 
an  ultraviolet  photometer  at  X  =  513  m/i  .  The  UFS-1  light  filter  was  used 
in  conjunction  with  a  solution  of  potassium  chromate.  The  fluorescing 
screen  was  excited  by  the  rays  of  the  given  wave  length. 
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TABLE  1 


The  effect  of  hydrochloric  acid  and  chlorides 
on  the  absorption  of  the  complex  formed 
between  bismuth  and  potassium  bromide 


Bl  taken, 
in  mg 

Normality 
of  HCl 

Molarity 
of  KBr 

NH4CI 

(mg) 

D 

0.05 

0.132 

0.5 

— 

0.29 

0.05 

0.22 

0.5 

- 

0.285 

0.05 

OM 

0.5 

- 

0.23 

0.05 

0.88 

0.5 

- 

0.205 

0.05 

1.10 

0.5 

— 

0.190 

0.05 

0.88 

1.0 

- 

0.285 

0.05 

1.10 

1.0 

- 

0.285 

0.05 

0.132 

1.5 

- 

0.285 

0.025 

0.088 

0.5 

— 

0.11 

0.025 

0.88 

0.5 

- 

0.06 

0.025 

0.88 

1.0 

- 

0.105 

0.05 

0.088 

0.5 

2.0 

0.265 

0.05 

0.088 

0.5 

3.0 

0.248 

0.05 

0.088 

1.0 

3.0 

0.285 

Fig.  3.  Calibration  cirve. 

As  can  be  seen  from  this 
table,  the  effect  of  hydro¬ 
chloric  acid  can  be  eliminated 
by  the  addition  of  larger 
amounts  of  potassium  bromide 
(1-1.5  M  solutions). 


Chlorides  showed  a  similar  effect  to  hydrochloric  acid. 


By  taking  into  account  the  necessary  amount  of  potassium  bromide  as  well 
as  the  permissible  amount  of  hydrochloric  acid,  a  calibration  curve  was 
constructed  for  the  bismuth  solutions  (Fig.  3),  which  showed  that  a  solution 
of  bismuth-bromide  complex  follows  Beer' s  law  within  the  range  of  concentrations 
Investigated  (5-150 Mg  in  25  ml);  within  these  concentration  limits  bismuth 
can  be  determined  from  the  absorption  in  the  ultraviolet. 


First  of  all  the  amount  of  bismuth  in  solutions  of  known  concentration  was 
determined  by  means  of  the  calibration  curve  (Table  2). 


TABLE  2 

Determination  of  the  bismuth 
content  from  the  calibration 
curve 


The  results  Indicate  that. the  method  is 
accurate  (the  errors  do  not  exceed  2^), and 
also  has  a  high  sensitivity. 

Further  investigations  were  carried  out 
using  the  calibration  curve  adduced. 

Determination  of  Bismuth  in  the  Presence 
of  Lead. 

To  a  solution  of  bismuth  salt  of  known 
concentration  (100-25  Mg  Bl)  contained  in  a 
25  ml  standard  flask  was  added  a  solution  of 
a  lead  salt  (1-20  mg  lead)  acidified  with 
hydrochloric  acid*,  potassium  bromide  solu¬ 
tion  was  then  added  so  that  its  concentra¬ 
tion  in  the  final  solution  was  approximately  1  M,^)  the  solution  being  made 
up  to  the  mark  with  distilled  water.  The  solution  was  carefully  mixed 
and  placed  in  a  quartz  photometer  cuvette  with  plane  parallel  sides  (cuvette 
thickness  3  cm)  and  its  optical  density  determined.  Bismuth  was  then  deter¬ 
mined  from  the  calibration  curve.  The  results  are  given  in  Table  3- 


Bi  taken. 

Bi  found. 

Relative 

in  mg 

in  mg 

error,  <](» 

0.020 

0  0196 

2.0 

0.080 

0.081 

T  .2 

0.125 

0.126 

0.8 

1)  Excess  potassium  bromide  was  necessary  because  lead  was  Introduced  as  the 
chloride. 
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From  Table  3  it  follows  that 
the  presence  of  up  to  20  mg  of 
lead  In  25  nil  does  not  affect  the 
bismuth  determination.  For  the 
amount  of  bismuth  determined 
this  corresponds  to  a  ratio  of 
BisPb  of  1:2,000.  If  bismuth 
has  to  be  determined  in  the 
presence  of  even  greater  amounts 
of  lead,  the  latter  can  be 
removed  as  the  chloride  by 
simple  evaporation  of  the  solution. 
Experiments  carried  out  for  checking 
whether  bismuth  is  coprecipitated 
with  lead  chloride  showed  that  all 
the  bismuth  (as  far  as  can  be 
shown  colorlmetrically)  remains 
in  solution.  The  experiments  were 
carried  out  as  follows:  50  ml  of 
solution  containing  a  large  amount  of  lead  chloride  (IOO-5OO  mg)  and  50  fig  B1 
was  acidified  with  O.5  ml  hydrochloric  acid  (l:l)  and  evaporated  on  a  sand  bath 
to  a  volume  of  IO-I5  ml.  The  precipitate  of  lead  chloride  was  filtered  off  and 
washed  with  a  few  milliliters  of  water  acidified  with  hydrochloric  acid.  The 
filtrate  was  transferred  to  a  standard  flask  (25  ml),  potassium  bromide  added, 
and  the  optical  density  determined  on  a  photometer.  The  results  are  given  in 
Table  U  (  EStperlments  Nos.  1-4). 


TABIE  5 


Determination  of  bismuth  in  the  presence 
of  lead 


B1  taken, 
in  sue 

Pb  taken, 
in  mg 

B1  founc^ 
in  mg 

Error,  in 
mg 

0,100 

1.0 

0.100 

— 

0.100 

2.0 

0.102 

4-0.002 

0.100 

5.0 

0.100 

- 

0.100 

20.0 

0.105 

4-0.005 

0.060 

4.0 

0.060 

- 

0.060 

10.0 

0.059 

-0.001 

0.060 

20.0 

0.064 

-f0.004 

0.025 

10.0 

0.025 

- 

0.025 

20.0 

0.029 

4-0.004 

TABLE  4 


Determination  of  bismuth  after  partial  removal 
of  lead 


Expt. 

No. 

B1  taken, 
in  mg 

Pb  taken, 
in  mg 

Bi  found, 
in  sue 

Error,  in 
mig 

1 

0.05 

100.0 

0.053 

4-0.003 

2 

0.05 

200.0 

0.058 

40.008 

3 

0.05 

300.0 

0.050 

- 

4 

0.05 

500.0 

0.055 

4-0.005 

5 

0.020 

500.0 

0.019 

-0.001 

6 

0.040 

500.0 

0.038 

-0.002 

7 

0.040 

500.0 

0.040 

— 

Apart  from  the  separation 
of  large  amounts  of  lead  as 
the  chloride  we  also  checked 
on  the  possibility  of  deter¬ 
mining  bismuth  colorimetri- 
cally  with  potassium  bromide, 
preliminarily  separating  it 
with  partially  precipitated 
basic  lead  carbonate  as 
suggested  in  1949  by  A.  I. 
Busev  and  N.  p.  Korets  [8]. 

To  the  acid  solution 
containing  lead  and  traces 
of  bismuth  2N  sodium. 


carbonate  solution  was 

added  until  a  small  amount  of  precipitate  appeared.  The  precipitate  was 
allowed  to  stand  1-2  minutes,  filtered  off, and  dissolved  in  dilute  hydro¬ 
chloric  acid  (so  that  25  ml  of  the  final  solution  containBdO.5  ml  HCl).  The 
solution  was  transferred  to  a  standard  flask,  potassium,  bromide  solution  adde(^ 
and  the  optical  density  measured.  The  results  adduced  in  Table  4  (Experiments 
5-7)  show  that  bismuth  can  be  determined  when  it  has  been  separated  by  this 
method. 


The  Effect  of  Certain  Heavy  Metals  on  the  Determination  of  Bismuth. 


The  effect  of  certain  heavy  elements  in  the  determination  of  bismuth 
was  also  studied.  The  method  of  determination  remained  unchanged. 
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Determination  of  bismuth  In  the  presence  of  copper  shoved  that  even  In 
amounts  of  2  mg/25  ml,  the  copper  Increases  the  results  for  bismuth.  In  order 
to  eliminate  the  effect  of  copper  it  vas  reduced  with  ascorbic  acid.  Bivalent 
copper  in  solution  as  free  ions  is  not  reducible  by  ascorbic  acid,  but  when 
bound  as  a  ccMplex  ion  (in  our  case  with  the  bromide  ions)  it  is  easily 
reduced.  Copper  reduced  by  ascorbic  acid  does  not  interfere  with  bismuth 
determinations  even  in  amounts  up  to  15  mg/25  ml  (Table  5)» 


Fig.  4.  Absorption  curves, 
l) t’eBrl^'^lons;  2)  [HgBr4]^"  ions; 
3)  [SnBr4]^“  ions;  i)  CuBrg  in 
KBr;  5J  CuBr  in  Or;  6) 

HeS04;  7)  Fe^'^’lons. 


The  difference  between  the  absorption  curves 
for  the  ccMplex  of  bivalent  and  univalent 
copper  with  the  bromide  ions  can  be  readily 
seen  from  Fig.  4  [9].  The  absorption  curve 
for  ascorbic  acid  is  given  in  Fig.  5  [10] » 

Iron  (III)  forms  a  complex  with  bromide 
ions,  the  absorption  curve  for  which  has 
been  given  by  Rabinowltsch  and  Stockmayer 
[11],  and  is  also  given  in  Fig.  4.  From 
the  absorption  curve  for  the  FeBr^"*"  ions 
it  is  obvious  that  iron  will  interfere 
strongly  with  bismuth  determinations. 
Nevertheless  bismuth  can  still  be  deter¬ 
mined  in  the  presence  of  iron  up  to  20  mg 
iron  /25  ml  if  the  iron  is  reduced  by 
ascorbic  acid  first,  when  it  should  not 
interfere.  The  absorption  curve  for  Fe 
is  given  in  ^ig.  4  [12].  Results  of  the 
determination  of  bismuth  in  the  presence 
of  iron  are  given  in  Table  6.  Moreover, 
when  iron  is  present  in  large  amounts 
it  can  be  used  as  a  collector  for  bismuth 
[13];  in  such  a  case  iron  is  precipitated 
as  hydroxide,  the  hydroxide  is  then 


dissolved  in  hydrochloric  acid,  and  the  iron  is  reduced  with  ascorbic  acid. 


With  Br"  ions  zinc  and  cadmium  form  complex  anions,  the  maximum  absorption 
of  which  lies  in  the  far  ultra-violet.  For  [CdBr4]^“  Xj^^x  =  227  m/i  while 
for  [Znl4]^“  ^max  =  221  mM  [7],  nnd  for  the  Br“  complex  the  maximum  shifts 
even  farther  into  the  ultra-violet.  Zinc  and  cadmium  should  not  therefore 
interfere  with  bismuth  determination.  We  showed  (Table  6)  experimentally 
that  these  elements  even  in  amounts  up  to  50  mg/25  ml  do  not  interfere  with 
bismuth  determinations. 


TABLE  5 


Determination  of  bismuth  in  the  presence  of  copper 


B1  taken, 
in  mg 

Cu  taken, 
in  mg 

B1  found, 
in  mg 

Error,  in 
mg 

Observation 

0.100 

1,0 

0.100 

— 

0.100 

2.0 

0,105 

+0.005 

0.050 

2.0 

0.055 

+0.0C^ 

Without  reduction 

0.050 

4.0 

0.060 

+0.010 

0.100 

5.0 

0.105 

+0,005 

0.100 

10.0 

0.103 

+0.005 

0.100 

15.0 

0.107 

+0.007 

0.050 

10.0 

0.053 

+0.003 

After  reduction 

0.050 

15.0 

0.055 

+0,005 

with  ascorbic  acid 

0.050 

20.0 

0.061 

+0.011 
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Mercury  (ll)  forms  complexes  with  bromides, the  absorption  cuirve  of  which 
is  shown,  in  Fig.  ^  [1^].  It  is  clear  from  the  absorption  curve  that 

mercury  should  not  Interfere  with  bismuth  determination.  This  was  confirmed 
experimentally  (Table  6);  10  mg  of  mercury  in  25  ml  of  solution  did  not 

interfere . 

Tin  (ll)  reacts  with  a  saturated  solution  of  potassium  bromide  to  give 
a  complex, the  absorption  curve  of  which  is  given  in  Fig.  4  [15].  From  this 
curve  it  is  evident  that  tin  should  not  Interfere  strongly  with  bismuth 
determinations.  It  was  shown  that  10  mg  of  tin  (IV)  or  tin  (Il)ln  25  ml 
of  solution  d)e8not  interfere  with  bismuth  determination  (Table  6). 


Arsenic  does  not  give  stable  comi)ounds  with  bromide  anions.  The 
absorption  curves  for  quinquevalent  and  trivalent  arsenic  are  given  in 
Fig.  5  [l6].  It  was  shown  that  arsenic  in  amounts  of  10  mg/25  ml  does 
Interfere  with  the  bismuth  determination  (Table  6). 


Fig.  5*  Absorption  curves, 
l)  Sb^"*"  ions;  2)  ascorbic 
acid;  3)  Sb^"*"  ions;  4) 
As^"*"  ions;  5)  As^"’"  ions. 


Antimony  (III)  absorbs  the  ultra¬ 
violet  (Fig.  5)  [I?].  Antimony  both  trl- 
and  quinquevalent  forms  complexes  with 
bromides;  the  complex  of  trivalent  antimony 
absorbs  the  ultraviolet  strongly  at  X  =  365  m  V- 
It  was  shown  experimentally  (Table  6)  that 
trivalent  antimony  begins  to  Interfere  with 
bismuth  determinations  at  concentrations  of 
0.6  mg/25  ml.  If,  however,  potassium 
tartrate  is  added  to  the  test  solution, 
the  antimony  can  be  complexed  as  a  more 
stable  tartrate  which  does  not  absorb  the 
ultraviolet  at  X  =;  365  m  .  When  this  is 
done  antimony  (III)  in  amounts  of  3  mg/25  ml 
can  be  tolerated.  Antimony  (V)  does  not 
Interfere  in  amounts  of  20  mg/  25  ml 
(Table  6). 


The  effect  of  nitric  acid  on  the  determina¬ 
tion  of  bismuth  was  also  checked.  It  is  known 
[7],  that  nitric  acid  does  not  absorb  the  ultra¬ 
violet  at  X  =  565  mM.  The  absorption  spectrum  of  the  hydrated  NO3'  ion 
consists  of  two  maxima;  one  at  193.6  m/i  (log  ^max  ~  ^.08)  a  weak  maximum 
at  302  mM  (log  Cjjyax  ==  U.8-O.9).  It  was  shown  experimentally  (Table  6)  thatat  nit¬ 
ric  acid  concentrations  up  to  O.5  N,  correct  results  could  be  obtained 
for  bismuth,  but  at  higher  concentrations  the  values  for  the  bismuth 
content  are  too  high.  This  is  explicable  by  the  partial  decomposition  of 
nitric  acid  under  the  action  of  the  ultraviolet,  as  a  result  of  which  NO2 
is  formed  in  solution, and  this  can  absorb  the  ultraviolet  strongly. 

Sulfuric  acid  does  not  Interfere  (Fig.  k)  [18]. 

None  of  the  heavy  metals  tested, therefore, interfere  strongly  with  the 
determination  of  bismuth  by  this  method. 

The  method  developed  for  the  determination  of  bismuth  in  lead 
by  using  potassium  bromide  in  the  ultraviolet  was  checked  on  two  samples 
of  lead.  Spectrographlc  analysis  of  the  samples  gave  the  following  results. 

( See  bottom  of  page  305 ) . 
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TABIZ  6 


Determination  of  bismuth  in  the  presence  of  heavy  metals 


Amounts  taken. in 


Cd  Eg 


%03 

in  mg 


TABLE  7 


Analysis  of  lead  samples 


0 

• 

0 

\  Sample  No.  1 

Sample  No.  2 

analysis 

Pb  taken, 
in  mg 

B1  found, 
in  mg 

Pb  taken, 
in  mg 

Bi  found, 
in  mg 

^  Bi 

1 

51^.1 

0.046 

0.0089 

— 

— 

— 

2 

584.9 

0.050 

0.0086 

521.0 

0.075 

0.0140 

3 

505.6 

0.043 

0.0085 

490.1 

0.058 

0.0118 

k 

522.7 

0.047 

0.0090 

53^^.5 

0.075 

0.0140 

Results  for  the  colorimetric  analysis  of  bismuth  in  the  ultraviolet 
are  given  in  Table  7* 

An  aliquot  of  the  test  material  (0.5  g)  vas  dissolved  hy  heating  in 
nitric  acid  (1:2).  The  analysis  was  then  carried  out  as  follows. 

5  mg  of  ferric  chloride  was  added  to  the  nitric  acid  solution  of  the 
sample,  the  solution  was  heated  and  ammonia  added  dropwise  till  ferric 
hydroxide , which  acts  as  a  collector  for  the  ■blsmuth,was  precipitated. 

The  ferric  hydroxide  containing  the  hismuth  was  filtered  off,  washed  with 
hot  water, and  then  dissolved  in  dilute  hydrochloric  acid  (l  ml  of  the 
concentrated  acid  in  the  final  volume  of  50  ml).  The  soxution  was 
transferred  to  a  standard  flask,  the  potassium,  bromide  and  ascorbic 
acid  added, and  the  optical  density  of  the  solution  determined.  The 
results  of  experiments  carried  out  using  this  technique  are  given  in 
Table  7  under  numbers  1  and  2. 

The  results  given  opposite  No.  3  in  l^ble  7  vere  obtained  by  coprecipi¬ 
tation  of  bismuth  with  lead  sulfide,  obtained  by  partial  precipitation  with 
hydrogen  sulfide  from  hydrochloric  acid  solution.  The  sulfides  were 
dissolved  in  strong  hydrochloric  acid  and  the  analysis  carried  out  as 
described  above.  All  the  results  are  close  to  those  obtained  by  other 
methods;  the  method  described  however,  is  not  so  convenient,  since 
colloidal  sulfur,  which  strongly  absorbs  the  ultraviolet  including  radiation 
of  X  =  365  niM,  remains  in  the  solution  to  be  colorlmetrlcally  analyzed.  It 
is  necessary, therefore, to  measure  the  optical  density  of  the  solution  resulting 
from  absorption  by  sulfur  before  adding  the  potassium  bromide,  then 
introducing  the  necessary  correction;  this  lowers  the  accuracy  of  the  results. 

The  results  given  in  Table  7  opposite  No.  k  were  obtained  without  coprecipi¬ 
tation.  The  nitric  acid  solution  was  evaporated  with  hydrochloric  acid  to 
20-25  ml.  The  lead  dlchlorlde  which  precipitated  was  filtered  o.ff  and  washed 
with  water  acidified  with  hydrochloric  acid.  The  filtrate  was  transferred  to 
a  standard  flask,  potassium  bromide  and  ascorbic  acid  added,  and  the  optical 
density  of  the  solution  determined. 

The  preparation  of  solutions  for  determination  of  bismuth  in  the  presence 
of  large  amounts  of  lead  can  thus  be  carried  out  by  any  cf  the  analytical 
techniques  which  we  have  tested.  The  least  accurate  is  the  hydrogen  sulfide 
method. 

I  should  like  to  express  my  sincere  thanks  to  Prof.  Yuri  Vltalevlch 
Morachevsky  for  advice  in  carrying  out  the  work. 
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SUMMARY 


1.  A  colorimetric  method  Is  proposed  for  the  determination  of  bismuth 
in  the  presence  of  large  amounts  of  lead,  which  is  based  on  the  difference 
in  absorption  of  the  bromide  complexes  of  bismuth  and  lead  in  the  ultra¬ 
violet  at  X  =  365  mp. 

2.  This  method  has  been  shown  to  possess  a  high  sensitivity  (0.2  fig 
Bi®'*‘/ml)  and  selectivity.  The  mean  error  is  1-2^. 

3.  The  effect  of  heavy  metals  on  the  determination  of  bismuth  (copper, 
iron,  zinc,  cadmium,  mercury,  tin,  arsenic,  and  antimony)  has  been  checked, 
and  it  has  been  established  that  bismuth  can  be  determined  in  the  presence 
of  considerable  amounts  of  these  elements  when  this  method  is  used. 

U.  The  proposed  method  has  been  checked  by  using  it  for  the  determina¬ 
tion  of  bismuth  in  two  samples  of  metallic  lead. 

Received  June  I9,  1952. 
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Methods  Involving  the  use  of  dlthlzone  (dlphenylthlocarhazone,  CeHsNHNHCSNCeHs ) 
In  chemical  analysis  for  the  determination  of  many  metals,  both  Individually  and 
In  synthetic  and  natural  mixtures,  have  been  described  In  more  than  100  papers 
published  In  the  periodical  literature.  Nevertheless,  In  the  case  of  certain 
metals,  not  only  has  no  method  been  worked  out  for  their  determination  by  means 
of  dlthlzone,  but  there  Is  practically  no  Information  at  all  which  characterizes 
the  conditions  of  formation  of  the  respective  dlthlzonates.  This  Is  particularly 
true  In  the  case  of  Indium,  There  Is  only  one  Indication  that  Indium  dlthlzonate 
can  be  extracted  with  carbon  tetrachloride  from  aqueous  solution  at  a  pH  of  5-6. 
Cyanides  In  solution  do  not  Interfere  with  the  extraction  [l]. 

A,  T.  Filipenko,  on  the  basis  of  the  value  of  the  Instability  constant  of 
Indium  dlthlzonate  which  he  determined,  has  calculated  that  the  pH  of  the  aqueous 
solution  for  complete  extraction  of  Indium  as  the  dlthlzonate  by  means  of  carbon 
tetrachloride  should  be  of  the  order  of  i^-5  [2].  These  results  exhaust  all  the 
Information  available  on  Indium  dlthlzonate. 

There  are  no  satisfactory  methods  for  the  determination  of  Indium  (apart 
from  a  polarographlc  method)  In  the  presence  of  other  metals,  particularly 
when,  as  usually  happens,  only  micro  amounts  are  Involved.  Of  particular 
Importance  Is  the  determination  of  Indium  In  the  presence  of  zinc  and  cadmium, 
since  indium  often  accompanies  these  metals  In  ores  and  during  the  Intermediate 
stages  of  production. 

The  formation  of  metal  dlthlzonates  and  their  extraction  by  the  non-aqueous 
phase  depends  to  a  considerable  extent  on  the  composition  of  the  hydrogenous  solu¬ 
tions;  the  hydrogen  Ion  concentration  and  the  presence  or  absence  of  other  mater¬ 
ials. 


In  this  article,  results  of  investigations  of  the  relation  between  the  form¬ 
ation  of  Indium  dlthlzonate  and  the  pH  of  the  aqueous  solution  are  communicated. 


METHODS  OF  INVESTIGATION  AND  MATERIALS  USED 

Analysis  by  means  of  dlthlzone  is  usually  carried  out  by  shaking  the  test 
solutions  with  small  amounts  of  a  solution  of  dlthlzone  In  a  non-aqueous  solvent. 
The  metal  dlthlzone  formed  during  this  procedure  dissolves  in  the  non-aqueous 
solvent  to  give  a  characteristic  color  to  the  solution.  Extraction  Is  made  from 
a  solution  whose  pH  has  been  adjusted  to  a  definite  value  and  which  Is  kept  con¬ 
stant  by  means  of  a  buffer. 

Since  a  reaction  is  possible  between  the  components  of  a  buffer  mixture  and 
Indium  ions  (we  showed,  e.g.,  that  in  the  presence  of  a  buffer  consisting  of 
citric  acid  and  dlsodium  hydrogen  phosphate.  Indium  dlthlzonate  Is  not  formed). 
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we  carried  out  tests  In  the  presence  of  "buffers  which  do  not  appreciably  affect 
the  formation  of  the  dithizonates,  and  also  with  unbuffered  solutions. 


% 


Fig.  1.  Relation  between  extraction 
of  indium  dithizonate  and  pH  during 
extraction  titration  with  a  carbon 
tetrachloride  solution  of  dithlzone. 
Curves;  l)  From  unbuffered  solutions; 
II )  from  solutions  buffered  with 
sodium  acetate  plus  hydrochloric 
acid;  III)  from  solutions  buffered 
with  acetic  acid  plus  ammonia. 


Fig.  2.  Absorption  curves  for 
solutions  of  dithlzone,  I,  and  indium 
dithizonat^  II,  in  carbon  tetra¬ 
chloride.  Cuvette  10  mm. 

We  used  mixtures  of  sodium  acetate 
and  hydrochloric  acid,  and  of  ammonia 
and  acetic  acid,  as  buffers.  The  pH 
of  the  unbuffered  solutions  was  regulated 
by  means  of  hydrochloric  acid  and 
ammonia  solution.  The  pH  was  established 
potent lometr lea lly . 


In  addition  to  normal  purification  all  the  materials  were  treated  with 
dithlzone.  Dithlzone  was  synthesized  from  phenylhydrazlne  hydrochloride  [5], 
and  was  purified  by  treating  its  solution  in  chloroform  with  ammonia  followed 
by  precipitation  with  hydrochloric  acid  and  then  dissolving  it  in  carbon  tetra¬ 
chloride.  The  working  solution  contained  5  dithlzone/lOO  ml.  Indium 
trichloride  was  prepared  by  dissolving  metallic  indium  in  hydrochloric  acid. 

The  solution  contained  0.002  g  indlum/llter. 

EXHIRIMENTAL  RESULTS 


Solutions  of  indium  trichloride  of  a  definite  concentration  (50  fig  in  50  nil 
calculated  as  the  metal)  and  of  a  definite  pH,  buffered  and  unbuffered,  were 
treated  with  the  solution  of  dithlzone  in  carbon  tetrachloride  in  a  separating 
funnel.  The  dithlzone  solution  was  added  at  first  in  portions  of  2-5  ml  and  the 
whole  shaken  thoroughly,-  when  the  green  color  of  the  dithlzone  solution  had 
changed  to  the  pure  red  color  of  indium  dlthizcnate,  the  non-aqueous  phase  was 
removed.  Extraction  titration  was  reckoned  to  be  complete  when  the  green  color 
of  the  last  portion  of  the  non-aqueous  phase  (0.5  ml)  on  shaking  for  several 
minutes  did  not  change,  or,  acquired  the  mixed  color  of  solutions  of  dithlzone 
plus  dithizonate. 

In  the  table  the  volumes  (in  ml)  of  dithlzone  solution  used  at  a  given  pH 
for  extracting  the  dithizonate  by  extraction  titration  are  shown  opposite  the 
appropriate  pH  values  of  the  indium  trichloride  solutions. 
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Expt, 

No. 

Unbuffered  sol¬ 
utions 

In  the  presence  of 

HCl  +  CmaCOONa 

In  the 
presence  of 

pH 

Volume  of 
dlthlzone 
solution 

In  ml 

pH 

Volume  of 
dlthlzone  . 
solution 

In  ml 

CH3CC 

NH4OI 

pH 

)0H  and 

I 

Volume  of 
dlthlzone 
solution 
In  ml 

1 

2.49 

0 

2.4l 

0 

2.98 

0 

2 

2.53 

5 

2.72 

2 

3.50 

18.5 

3 

3.12 

23 

3.20 

i4.5 

21\3 

4 

3.4l 

25 

3.67 

21 

4.25 

21.5 

5 

3.92 

24 

4.10 

23 

4.92 

18 

6 

4.45 

10 

4.26 

21.5 

5.92 

6 

7 

5.45 

0 

4.72 

17 

7.03 

2 

8 

— 

- 

5.07 

15 

7.91 

2 

9 

— 

— 

5.84 

11 

8.91 

2 

F6 


/J  -  u 


i  3  i  S^  6 


7 


of 

Is 


Fig.  3.  Absorption 
curves  for  the  non- 
aqueous  phase  In 
relation  to  the  pH 
of  the  unbuffered 
Indium  trichloride 

The  tabulated  results  show  that  maximum  extraction  according 

Indium  as  the  dlthlzonate  from  unbuffered  solutions  °  ' 

obBerved  at  a  pH  of  3.4  (Experiment  No.  4),  while  litMz^t^ 

In  the  presence  of  acetate  buffers  the  optimum  pH 
Is  at  4. 0-4. 3  (Experiments  Nos.  3,4,  and  3).  In  order 
to  construct  a  diagram  from  these  results:  percentage 
of  Indium  extracted  against  pH,  the  completeness  of 
the  dlthlzonate  extraction  from  unbuffered  solutions 
was  determined  at  pH  of  3.4.  To  do  this  the  solutions 
after  extraction  treatments  with  dlthlzone  (25  ml  of 

dlthlzone)  were  evaporated  almost  to  dryness  In  a  quartz  beaker.  The  residue  was 
treated  with  2-3  ml  of  watei;  acidified  with  hydrochloric  acid  to  a  pH  of  3.4. 

The  solutions  obtained  were  treated  again  with  dlthlzone.  Blank  tests  were 
also  made  at  the  same  time.  1  ml  of  dlthlzone  solution  was  required  for  the 
extraction  of  Indium  from  the  solution  obtained  after  treatment  of  the  dry 
residue,  and  0.5  ml  of  dlthlzone  solution  for  the  blank. 


Consequently,  1  Mg  of  Indium  remained  In  50  ml  of  solution  after  treatment 
with  dlthlzone)  this  Is  equivalent  to  98^  extraction  of  Indium  under  these  condi¬ 
tions,  Extraction  of  Indium  from  a  solution  of  pH  4.1  In  the  presence  of  a 
buffer  mixture  of  sodium  acetate  and  hydrochloric  acid  amounted  to  90^,  while 
In  the  presence  of  acetic  acid  and  ammonia  the  extraction  was  84^. 

The  tabulated  results  were  calculated  on  the  basis  of  the  percentage 
Indium  extracted,  assuming  that  for  complete  (lOO^)  extraction  from  solution 
It  would  be  necessary  to  use  25  ml  dlthlzone  solution.  The  results  are  given 
graphically  In  Fig.  1. 


The  curves  In  Fig.  1  differ  from  similar  curves  for  the  dlthlzonate  of 
other  metals;  the  curves  for  the  latter  usuaLly,  after  reaching  a  maximum 
extraction  for  the  dlthlzonate, remain  at  a  constant  level  for  a  large  pH 
range.  The  extraction  of  Indium  dlthlzonate  differs  In  that  It  depends  to 
a  very  considerable  extent  on  the  pH  of  the  solution.  At  pH  values  greater 
or  less  than  the  optimum  the  percentage  extraction  of  Indium  dlthlzonate 
decreases  sharply, being  particularly  steep  for  unbuffered  solutions.  In 
order, therefore,  to  separate  Indium  from  other  metals  and  In  order  to  determine 
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it  quantitatively,  extraction  should  he  carried  out  from  solutions  whose  pH 
corresponds  to  the  optimum.  Th*^  relation  between  Indium  dlthlzonate  extraction 
and  pH  of  the  aqueous  solution  which  is  depicted  in  Fig,  1  was  confirmed  by 
other  experiments  carried  out  by  another  method.  The  indium  trichloride 
solutions  (of  equal  concentrations)  were  not  treated  with  separate  portions 
of  dlthizone  solution  as  described  above,  but  by  simultaneous  addition  of 
dlthlzone  in  amounts  greater  than  that  necessary  for  complexlng  all  the 
Indium  as  dlthlzonate.  Therefore,  after  shaking  vigorously  for  several 
minutes  the  non-aqueous  phase  always  contained  a  mixture  of  Indium  dlthlzonate  and 
dlthizone.  Since  all  the  solutions  of  Indium  trichloride  Independently  of 
their  pH  were  treated  with  equal  vclumes  of  a  solution  of  dlthizone,  then 
the  relation  between  the  extraction  of  dlthlzonate  and  pH  of  the  water  phase 
could  be  estimated  by  the  change  in  optical  density  of  the  aqueous  phase.  The 
optical  density  was  measured  on  a  Pulfrich  refractometer  using  light  filters 
Nos.  3  and  6  in  a  cuvette  with  a  layer  thickness  of  10  mm. 


Fig.  4.  Relation  between 
light  absorption  curves  for 
the  non-aqueous  phase  and  pH 
of  the  Indium  chloride  solu¬ 
tions  buffered  with  acetic 
acid  and  ammonia.  F3  )  dlthizone; 
F6 )  indium  dlthlzonate . 


.  The  optical  density  of  a  dlthlzone 
solution  in  carbon  tetrachloride  is  a 
maximum  for  light  filter  No.  3  with  a 
transmission  band  at  598-639  (effective 
wave  length  6l9  m»i).  The  optical 
density  of  a  solution  of  indium 
dlthlzonate  is  very  small  in  this 
range  and  has  hardly  any  effect  on 
the  value  of  the  optical  density 
of  the  dlthizone  solution,  but  has 
a  maximum  with  light  filter  No.  6 
with  a  transmission  band  at  476-516  m;i 
(effective  wave  length  496  m/i) ,  In 
this  region  (light  filter  No.  6) 
however  a  dlthizone  solution  equimolar 
in  concentration  with  the  indium  dlthizon- 
ate  solution  also  possesses  a  considerable 
optical  density  (Fig.  2).  Measurements 
of  the  optical  density  of  the  non- 
aqueous  phase  (solution  of  dlthizone 
and  dlthlzonate)  was  accordingly 
carried  out  as  follows. 


The  optical  density  was  measured 
first  using  light  filter  No,  3.  The 
optical  density  thus  obtained 

corresponds  to  the  concentration  of  unreacted  dlthizone.  The  non-aqueous 
phase  was  then  freed  frcmi  dlthlzone  by  carefully  heating  it  with  dilute 
ammonia  solution  until  there  was  a  change  from  the  mixed  color  to  pure  red; 
then  using  light  filter. No,  6  the  optical  density  of  the  Indium  dlthlzonate 
solution  was  measured.^'  The  results  given  in  Fig.  3  are  for  unbuffered  solu¬ 
tions  while  those  in  Fig.  4  are  for  solutions  buffered  with  ammonia  and  acetic 
acid.  Curves  F3  and  F6  were  taken  using  light  filters  Nos.  3  and  6,  and  show 
the  relation  between  changes  in  optical  density  of  the  non-aqueous  phases  and  pH 
of  the  aqueous  solution  of  Indium  chloride,  according  to  the  dlthizone  which  has 
not  reacted  with  indium  -  F3,  and  according  to  the  dlthlzonate  extracted  from  the 
aqueous  phase  —  f6. 


The  position  of  the  minimum  and  maximum  on  'these  curves  corresponds  to 
maximum  extraction  of  dlthlzonate  and  agrees  very  well  with  the  position  of 

1)  Indium  dlthlzonate,  like  a  number  of  other  dithizonates,  is  decomposed  by 
aqueous  ammonia.  When  however,  a  mixture  of  dlthizone  and  indium  dlthlzonate 

(continued  on  next  page) 


512 


the  maxlmuin  on  the  curves  in  Fig.  1  (as  compared  with  curve  til,  Fig.  1,  the 
positions  of  the  maximum  and  minimum  on  the  curve  in  Fig.  4  are  shifted  to  the 
right  by  0. 1-0.2  pH  units). 

As  far  as  the  stability  of  the  indium  dithizonate  solution  in  carbon 
tetrachloride  is  coccemed,  it  was  shown  that  it  did  not  decompose  on  treating 

it  with  weakly  acidified  water  (pH ’>•3)  and 
the  buffer  mixture  mentioned  above  (pH^*^). 
This  is  illustrated  in  Fig.  10  ml  of 
acidified  water  or  the  same  volume  of  a  buffer 
mixture  were  shaken  in  separating  funnels  with 
Individual  portions  of  the  indium  dithizonate 
solution  in  carbon  tetrachloride^ ) .  After  the 
red  color  of  the  non-aqueous  phase  had  turned 
green  (decomposition  of  the  dithizonate)  the 
non-aqueous  phase  was  removed  and  a  new 
portion  of  dithizonate  solution  introduced. 
This  treatment  was  stopped  when  the  last 
portion  of  non-aqueous  phase  kept  the  color 
of  the  indium  dithizonate  solution  (decomposi¬ 
tion  has  ceased)  after  shaking. 

The  volumes  of  dithizonate  solution 
decomposed  at  various  pH’ s  are  plotted  along 
the  ordinate  (Fig.  5)  while  pH  is  plotted 
along  the  abscissa. 

A  consideration  of  Figs.  1  and  5 
enables  one  to  assume  that  equilibrium  in 
the  system;  dithlzone  (in  carbon  tetra¬ 
chloride)  -  indium  salt  (in  aqueous  solu¬ 
tion)  is  established  within  a  measurable 
time  Interval. 

The  course  of  the  reaction  between  dithlzone  and  Indium  Ic  relation  to 
the  time  of  contact  between  the  aqueous  and  non-aqueous  phases  for  a  20^ 
excess  of  dithlzone  and  for  a  pH  of  5 ■>62  of  the  aqueous  solution  (buffer 
mixture  of  acetic  acid  and  ammonia)  is  shown  in  Fig,  6.  The  course  of 
the  reaction  was  controlled  by  measurements  of  the  optical  density  of  the 
non-aqueous  phase  using  light  filters  Nos.  3  and  6.  It  follows  from 
Fig.  6  that  the  equilibrium  discussed  above  is  established  after  approxi¬ 
mately  6  hours  (measurements  in  the  course  of  6  to  2h  hours  showed  that 
the  optical  density  of  the  non-aqueous  phase  does  not  change). 


Fig.  Decomposition  curves 
for  solutions  of  indium 
dithizonate  in  carbon  tetra¬ 
chloride;  I)  Water  acidified 
with  hydrochloric  acid;  II) 
buffered  with  sodium  acetate 
plus  hydrochloric  acldj  III) 
buffered  with  ammonia  plus 
acetic  acid. 


in  carbon  tetrachloride  is  treated  with  a  dilute  ammonia  solution,  decomposi¬ 
tion  of  the  dithizonate  is  only  observed  after  all.  the  dithlzone  has  switched 
over  from  the  non-aqueous  to  the  aqueous  phase.  If  the  ammonia  solution  is 
diluted  in  the  ratio  1;1000  (2000),  then  on  continued  treatment,  the  decomposi¬ 
tion  of  dithizonate  is  so  insignificant  that  there  is  practically  no  difference 
in  the  optical  density  of  the  non-aqueous  phase. 

The  indium  dithizonate  solution  was  made  by  shaking  a  solution  of  dithlzone 
(3  mg  dithlzone  in  100  ml  carbon  tetrachloride)  with  a  solution  of  indium 
chloride  in  such  excess  that  the  green  color  of  the  non-aqueous  phase  changes 
to  the  pure  red  of  the  dithizonate  solution. 
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At  the  optimum  pH  and  also  for  lower  pH  values  of  the  aqueous  solutions, 
equilibrium  was  established  more  rapidly^  In  unbuffered  solutions  -  within  the 
time  taken  to  carry  out  extraction  titration. 


ifJotl 


for  the  non-aqueous  phase  In 
relation  to  the  time  of  contact 
between  a  carbon  tetrachloride 
solution  and  the  aqueous  solu¬ 
tion  of  Indium  chloride,  buffered 
with  a  mixture  of  ammonia  and 
acetic  acid  (pH  5*62):  F5  ) 
according  to  the  dlthlzonej  f6) 
according  to  the  Indium  dlthlzonate. 


At  the  optimum  pH  and  also  for 
lower  pH  values  of  the  aqueous  solu¬ 
tions,  equilibrium  was  established 
more  rapidly;  In  unbuffered  solutions  - 
within  the  time  taken  to  carry  out 
extraction  titration. 

The  relation  between  extraction 
of  Indium  dlthlzonate  and  the  pH  of 
solutions  buffered  with  acetic  acid 
and  ammonia  for  a  20^  excess  of 
dlthlzone  and  a  phase  contact  time 
of  17  hours  was  Investigated. 

It  was  found  that  the  optimum 
pH  value  under  these  conditions  was 
the  same  as  for  extraction  titration; 

In  contrast  to  the  latter, however, a 
complete  (100^)  extraction  of  Indium 
Into  the  non-aqueous  phase  (Fig.  7) 
was  realized.  For  comparison, 
curve  III  which  was  obtained  during 
extraction  titration  In  the  presence 
of  acetic  acid  and  ammonia  (Fig.  l) 

Is  also  given  In  Fig.  7-> 


When  extraction  was  made  from  unbuffered  solutions  and  a  long  contact 


% 


f/f 

Fig.  7.  The  relation  between 
Indium  dlthlzonate  extraction  and 
the  pH  of  solutions  buffered  with 
a  mixture  of  ammonia  and  acetic 
acid,  for  a  20^  excess  of  dlthlzone 
and  a  time  of  contact  between  the 
phases  of  17  hours.  Curve  III) 
for  extraction  titration. 


time  allowed  between  the  phases, 
the  range  In  which  extraction  with 
Indium  could  be  carried  out  was 
scMewhat  wider  than  during  extrac¬ 
tion  titration,  mainly  on  the  high 
pH  side. 

Determination  of  Indium  In  the  Presence 
of  Other  Metals 

The  characteristic  relation  between 
Indium,  dlthlzonate  extraction  and  pH 
of  the  aqueous  solution,  particularly 
during  e.xtractlon  titration,  distinguishes 
the  behavior  of  the  dlthlzonate  from 
the  dlthlzonates  o.f  ether  metals. 

This  fact  enables  one  In  certain 
simple  cases  to  extract  Indium  from 
other  ro.etals  accompanying  It,  simply 
by  regulating  the  pH  of  the  aqueous 
solution,  there  being  no  need  of  a 
complexlng  agent. 

.In  this  way  It  Is  possible  to  separate 
metals  whose  dlthlzonates  precipitate  at 
pH’s  less  than  2.5. 


Palladium,  gold,  platinum,  mercury,  silver  and  copper  belong  to  this  group. 
Since  the  dlthizonates  of  these  metals  shift  into  the  non-aqueous  phase  in  the 
sequence  given,  then,e.g.  if  both  palladium  and  copper  are  present  simultaneously, 
more  palladium  than  copper  will  react  with  dlthizone. 

Experiments  on  the  separation  of  copper  and  mercury  at  pH  1-2  with  a  concen¬ 
tration  ratio  of  In;Cu(Hg)  varying  from  0.01  to  100  showed  that  copper  and 
mercury  go  Over  into  the  non-aqueous  phase  (CCI4)  completely  in  the  form  of 
dlthizonates,  while  all  the  indium  remains  in  the  aqueous  phai^ .  On  increasing 
the  pH  to  3.5  or  i4-.0-4.4  (buffer  mixture)  the  indium  concentration  was  determined 
easily  and  accurately. 

As  a  result  of  the  sequence  for  separation  of  the  dlthizonates  given  above, 
one  can  assume  that  other  metals  of  this  group  (palladium,  gold,  platinum,  and 
silver)  can  also  be  readily  separated  frcm  indium. 

In  all  probability  neither  will  metals  whose  dlthizonates  can  only  be 
extracted  from  neutral  or  alkaline  solutions  (cobalt,  nickel,  lead,  uni¬ 
valent  thallium)  Interfere  with  the  direct  determination  of  Indium.  The  direct 
determination  of  indium  is,  however,  complicated  in  the  presence  of  metals  whose 
dlthizonates  start  to  precipitate  at  pH’s  of  2. 5-6. 7* 

Thus,  the  separation  of  indium  from  zinc  or  cadmium  is  only  possible  when 
their  concentrations  are  of  the  same  order  (e.g.  50  each  in  50  ml).  Separa¬ 
tion  can  be  effected  in  this  case  if  the  zinc  and  cadmium  are  separated  first 
at  a  pH  of  7-7*5  (by  means  of  paranltro  phenol).  Under  these  conditions  all 
the  indium  remains  in  solution.  In  practice,  the  concentrations  of  these 
metals  in  a  test  solution  are  almost  Invariably  greater  than  the  indium 
concentration. 

If  the  zinc  or  cadmium  concentration  is  considerably  greater  than  that  of 
indium  in  our  experimentr  Zn(Cd);In  varied  from  16  to  100,  then  it  is  impossible 
to  separate  them  by  regulating  the  pH.  At  pH  6-9  indium  is  partially  precipitated 
with  zinc  and  cadmium.  At  pH  3*5  a  considerable  amount  of  zinc  and  cadmium  are 
extracted  with  indium. 

It  is  known  that  bismuth,  tin  and  trlvalent  thallium  will  be  extracted  with 
Indium  (whatever  the  concentration),  since  the  dlthizonates  of  these  metals 
are  formed  at  the  same  pH  as  Indium  dlthizonate  (initial  separation  at  pH  2-4). 

In  cases  of  this  type  where  it  is  necessary  to  sei)arate  indium,  ccmplexing 
agents  must  be  added  to  the  solution  in  addition  to  controlling  the  pH. 

SUMMARY 

1.  The  extraction  of  indium  dlthizonate  from  aqueous  solutions  of  indium 
trichloride  by  means  of  a  solution  of  dithlzone  in  carbon  tetrachloride 
depends  to  a  considerable  extent  on  the  pH  of  the  aqueous  solutions  (the  pH's 
must  be  accurately  controlled),  and  also  on  the  contact  time  between  the 
aqueous  and  non-aqueous  phases,  and  excess  dithlzone. 

2.  Maximum  indium  dlthizonate  extraction  from  solutions  containing 
acetate  buffer  mixtures  is  observed  at  a  pH  of  4-4.3,  while  from  unbuffered 
solutions  optimum  extraction  is  observed  at  a  pH  of  3*5* 

3.  The  extraction  of  Indium  is  more  complete  than  in  extraction  titration 
for  a  long  contact  time  between  the  aqueous  solution  of  indium  trichloride  and 
the  non-aqueous  dithlzone  solution  and  for  an  excess  of  the  latter. 

4.  Copper,  mercury,  palladium,  gold,  platinum,  silver,  and  small  amounts 
of  zinc  and  cadmium  can  be  completely  separated  from  indium  without  using 
complexing  agents. 
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5.  Cobalt,  nickel,  lead  and  univalent  thallium  should  not  Interfere 
with  indium  determinations. 

6.  Indium  cannot  be  separated  from  bismuth,  tin,  trivalent  thallium 
and  relatively  large  amounts  of  zinc  and  cadmium  simply  by  controlling  the 
pH;  in  addition  it  is  necessary  to  add  complexing  agents  which  will  complex 
the  metals  or  the  indium  into  compounds  which  do  not  react  with  dithizone. 
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The  acidic  properties  of  dithizone  have  been  considered  previously  [l], 
and  results  have  been  given  of  determinations  of  the  instability  constants 
of  the  dithizonates  of  zinc,  cadmium,  lead  [2],  thallium  and  indium  [J]-  In 
the  present  article  results  are  given  on  the  determinations  of  the  composition 
and  Instability  constants  of  the  dithizonates  of  nickel,  cobalt,  tin,  bismuth, 
copper,  silver,  mercury,  manganese,  and  iron. 

CcMDOsltlon  of  the  Dithlzomtes  of  Nickel.  Cobalt,  Tin  (ll).  Bismuth. 
Copper  Cll).  Silver.  Mercury  ( II') .  Manganese,  and  Ir^ 


In  order  to  study  the  composition  of  the  dithizonates  of  nickel,  cobalt, 
tin  (ll),  bismuth,  copper  (II),  mercury  (II),  and  silver,  diagrams  of  composltlon- 
light  absorption  were  studied  as  in  previous  work  [4],  The  experiments  were 
carried  out  as  follows. 

Equlmolecular  solu¬ 
tions  of  both  dithizone 
and  metal  salt  respective¬ 
ly  were  prepared,  viz  a 
10“^M  solution  of  dithizone 
in  CCI4  and  a  10“‘*M  solu¬ 
tion  of  the  metal  salts 
in  water.  These  solutions 
were  mixed  in  various  pro¬ 
portions  so  that  the  total 
volume  was  a  constant. 

After  shaking,  the  CCI4 
layer  was  removed,  diluted 
to  a  definite  volume 
(10  ml)  with  carbon  tetra¬ 
chloride  and  the  optical 
density  (D)  of  the  solution 

measured  on  an  FM  photometer.  While  studying  the  composition  of  the  dithizonates 
of  copper,  mercury,  and  silver  a  small  amount  of  0.1  N  sulfuric  acid  was  added  to 
the  solutions,  since  the  composition  of  these  dithizonates  in  acid  and  alkaline 
solution  varies.  When  the  composition  of  the  other  dithizonates  was  studied, 
suitable  buffer  mixtures  were  added. 
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In  order  to  choose  the  appropriate  light  filters,  absorption  curves  for 
solutions  of  the  dlthlzonates  of  nickel,  cobalt,  tin  (ll),  bismuth,  copper 
(II),  silver,  mercury  (ll),  iron  (II)  and  manganese  were  studied  on  an  FM 
photometer*,  these  curves  are  adduced  in  Figs.  1  and  2.  Wave  length  in 
millimicrons  is  plotted  on  the  absdissa,  while  light  absorption  by  solutions 
of  the  respective  dlthlzonates  in  carbon  tetrachloride  is  expressed  by 
the  molar  absorption  coefficient  along  the  ordinate. 


P 


<'jr  t 
4. 


Results  for  the  determination  of  the  composition  of  the  dlthlzonates 
of  nickel,  cobalt,  tin  (II),  copper  (ll),  silver,  and  mercury  (II)  are 
adduced  in  Figs.  5  and  4.  The  ratio  of  the  volume  of  10”‘*M  solution  of 
dithlzone  (in  CCI4)  to  the  volume  of  solution  of  the  metal  salt  (in  water) 
is  plotted  along  the  abscissa  and  the  optical  density  of  the  solutions  on 
the  ordinate  in  Figs.  5  and  4.  These  curves  show  that  the  maxima  correspond 
to  compositions  for  the  complexes  of:  NlDzg,  C0DZ2,  SnDz2,  BiDza,  AgDz, 

HgDz2  and  CuDz2.  The  composition  of  the  last  three  was  determined  in  acid  media. 

Iron  (ll)  and  manganese  only  react  with  dithlzone  at  pH's  >7-  Under 
these  conditions  however,  manganese  and  iron  are  rapidly  oxidized  so  that  the 
composition  of  their  dlthlzonates  could  not  be  determined  by  the  method 
described  above. 

In  order  to  determine  the  composition  of  iron  and  manganese  dlthlzonates, 
respectively,  the  following  technique  was  employed.  A  solution  of  known 
concentration  of  dithlzone  in  CCI4  was  prepared  and  10  ml  of  it  placed  in  a 
separating  funnel.  To  this  was  added  a  buffer  solution  of  pH  8.6  and  the 
respective  solutions  of  ferrous  sulfate  and  manganous  sulfate  also  added. 

The  latter  were  taken  in  large  excess  (100-200  excess).  The  contents  of  the 
separating  funnel  were  shaken  vigorously.  The  manganese  and  iron  thereupon 
oxidized, but  a  part  managed  to  react  with  dithlzone.  The  solution  was  allowed 
to  stand  for  some  time  before  the  non-aqueous  layer  was  filtered  through  a  dry 
filter  for  retention  of  any  aqueous  solution  contained  in  the  CCI4;  it  was 
then  evaporated,  treated  with  nitric  acid,  and  the  iron  and  manganese  finally 
determined  colorlmetrically  (Table  l). 
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TABLE  1 


Dithizone  taken 

Mn 

found 
(  Mg) 

Corre¬ 
sponding 
amt .  of 
10-^M 
solution 
of  mang¬ 
anese  in 
ml 

Ratio 

Mn^*:HDz 

Dithizone  taken 

Fe 

taken 
(  M  g) 

Corre¬ 
sponding 
amt.  of 
lO'^M 
solution 
of  iron 
in  ml 

Ratio 

Fe:HDz 

10  ml  2*10-'^  M/1 

0.062 

1.1 

1.1:2 

10  ml  2-10-'*  M/l 

0.057 

1.0 

1:2 

20  ml  2*10-^  m/I 

0.121 

2.2 

1.1:2 

20  ml  2*10*^  M/T 

0.119 

1.1 

1.1:2 

5  ml  2*10“3  m/i 

0.33 

6.0 

1.2:2 

5  ml  2‘10"®  m/i 

0.31 

5.5 

1.1:2 

10  ml  2*10“^  m/I 

0.59 

10.7 

1.1:2 

10  ml  2*10”®  m/I 

0.63 

11.5 

1.1:2 

The  results  given  in  Table  1  shov  that  the  composition  of  manganese  and 
iron  dithizonates  corresponds  to  a  ratio  of  metal  to  dithizone  of  1:2. 

The  Instability  Constants  of  the  Dithlzonates  of  Nickel.  Cobalt.  Tin. 

Bismuth,  and  Copper. 

In  order  to  determine  the  instability  constants  of  the  dithizonates  of 
these  metals,  as  before,  we  studied  [2,3],  the  equilibrium  reactions  for  the 
formation  of  dithizonates  in  relation  to  the  pH  of  the  aqueous  phase,  the 
concentration  of  dithizone  in  CCI4,  and  of  the  metal  salt  in  water.  Equation 
(1)  was  used  for  the  experimental  determination  of  the  value  of  the  constants 
of  bivalent  metal  dithizonates: 


[MDza  IcCLj  ’ 


(1) 


while  for  the  trlvalent  metal  dithizonates,  equation  (2)  was  used: 


[  ] CCI4 *  f ] §g0 


-  KMDZ3> 


(2) 


where  metal  ion  concentrations  in  waterj  [HDzIqqi 

[MDz2]cqi^  and  [MDzalnQi .  are  the  respective  concentrations  of  dithizone  and' 


dlthlzonate  in  CCI4J  [H^JUpO  hydrogen  ion  concentration  in  the  water; 


and  K 


HDz 


=  2*10“®  [1] 


Method  of  Determination  and  Results 

To  a  separating  funnel  was  added  a  known  volume  of  acetate-ammonia  buffer 
solution  in  the  case  of  nickel,  cobalt,  and  tin,  while  a  known  volume  of 
standard  sulfuric  acid  was  used  for  bismuth  and  copper.  The  values  for  the 
hydrogen  ion  concentration  of  the  test  solutions  are  given  in  column  1  of 
Tables  2-6.  5  ml  of  a  lO^'^M  solution  of  metal  salt  was  then  added,  followed 
by  water  to  bring  the  mixture  up  to  a  standard  volume.  In  the  case  of 
nickel,  cobalt,  and  tin,  5  ml  of  a  2*10*‘*M  solution  of  dithizone  in  CCI4 
was  then  added,  while  in  the  case  of  bismuth  5  ml  of  a  3’10“‘*M  solution  of 
dithizone  in  CCI4  was  added,  and  for  the  determination  of  the  instability 
constant  of  copper  dlthlzonate  10  ml  of  10"‘*M  dithizone  solution  was  used. 

After  shaking  and  when  the  layers  had  separated  out,  the  CCI4  layer  was 
removed  and  the  amount  of  dlthlzonate  formed  determined  colorlmetrically  by 
a  method  described  previously  [2].  The  values  of  the  instability  constants 
of  the  dlthlzonate  complexes  were  calculated  by  means  of  formulas  (l)  and  (2) 
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TABLE  2 


pH 


5.1 

5.7 
6.45 
6.4 

6.7 
4.6 


Nickel  dithlzonate 
found,  in  millimoles 


3.8- 10“^ 
4.6*10-'* 
4.9*10-'* 
4.8*10“'* 
4.9*10“'* 
2.8*10-“'* 


Equilibrium  Concentration? 


[HDzJin 
CCI4  phase. 


1.2*10“® 
0.4*10“® 
0.1*10“® 
0.2*10“® 
0.1*10“® 
2.2*10-® 


in  M  . 

0.48*10“'* 

0.76*10“'* 

2.3*  lO-^"^ 

0.16*10-'* 

0.92*10“'* 

1.1*10"^’^ 

0.04*10“'* 

0.98*10"'* 

0.5*10"^*^ 

0.08*10"'* 

0.96*10"'* 

3.3*10“^'^ 

0.04*10“"* 

0.98*10"'* 

1.6*10"^*^ 

0.88*10“'* 

0.44*10“'* 

1.5*10"^'^ 

Mean 

1.7*10“^'^ 

TABLE  3 


pH 


Cobalt  dithlzonate 
found  in  millimoles 


Equilibrium  Concentrations 


0.85*i0“'*  2.3*10“^® 
0.67*10"'*  7.6*10"^® 
0.39*10“'*  5.9*10“^® 
0.35*10“'*  5.4*10“^® 
0.32*10“'*  3.9*10“^® 
0.19*10“'*  5.1*10“^® 


Mea 


Tin  dithlzonate 
found  in 
millimoles 


Equilibrium  Concentrations 
[Sn^+]  in 
H20  phase, 
in  M 


1.7*10“® 

0.9*10"® 

0.75*10“® 

0.65*10“® 

0.25*10"® 

3.4*10"® 

4.1*10"® 


from  the  exi)erlmental  results.  The  results  given  in  Tables  2,  3,  4,  5#  and  6 
are  those  obtained  for  the  dithizonates  of  nickel,  cobalt,  tin,  bismuth,  and 
copper  respectively. 

The  respec^'ive  values  of  the  Instability  constants  vere  thus  found  to  be; 
nickel  -1.7*10'^”^;  cobalt  -5*10-^®j  tin  -•4.5*1C”^>  bismuth  “1.1*10“®*^  and  copper 
-1.1*10“®'^. 


0.68*10-'* 

0,66*10“'* 

3.4*10“^® 

0.36*10-'* 

0.82*10-'* 

5.8*10“^® 

0.30*10-'* 

0.85*10-'* 

5.0*10"^® 

0.26*10-'* 

0.87*10-'* 

3.2*10"^® 

0.10*10"'* 

0.95*10“'* 

5.3*10"^® 

1.36*10"'* 

0.32*10“'* 

5.0*10“^® 

1.64*10"'* 

0.18*10“'* 

3.9*10"^® 

Mean 

4.5*10“^® 
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TABLE  5 


Tl^ 

Bismuth  dlthlzonate 
found, In  millimoles 

Equilibrium  Concentrations 

BIDZ3 

[Bl®+] 

In  HsO 
phase. 

In  M 

[HDz] 

In  CCI4 
phase, 

in  M 

[BlDza] 

In  CCI4 
phases 
in  M  . 

0.484 

1.9 

3.1' 10"® 

1.56-10"* 

0.38-10"'* 

2.2-10"®*^ 

0.390 

2.4 

1.26-10“^ 

0.48-10"'* 

1.5*10"®^ 

0.289 

2.9 

2.1-10"® 

0,96-10"'* 

0.58-10"'* 

1.1-10’®*^ 

0.190 

3.4 

1.6-10"® 

0.66-10"* 

0.68-10"* 

O.O-lO"®"^ 

0.097 

3.8 

1.2-10”® 

0.42-10“'* 

0.76-10’'* 

1.0- 10"® 

0.052 

4.1 

0,9-10’® 

0.24-10"'* 

0.82-10”'* 

0.9*10"®'^ 

0.030 

4.3 

0.7-10-s 

0,12-10"'* 

0.86-10"'* 

O.t-lO"®'^ 

Mean 

1.1-10"®*^ 

TABLE  6 


[H+] 

Copper  dlthlzonate 
found,  In  millimoles 

Equilibrium  Concentrations  I 

K*  CuDZ2 

In  H2O 
phase, 
in  M 

[HDz] 
in  CCI4 
phase, 

in  M 

[ CuDZ2  J 

In  CCI4 
phase, 

in  M 

3.66 

2.1 

1.93*10’® 

0.79*10"'* 

0.21-10"'* 

2.2-10"®’^ 

4.0 

2.4 

2.6-10”® 

0.76 -10”'* 

0.24-10"'* 

1.6-10"®’^ 

5.0 

2.25 

2.75*10"® 

0.775*10"'* 

0.225*10"'* 

1.2-10"®*^ 

4.66 

2.15 

1.9*10"® 

0. 7^*10"'* 

0.215*10"'* 

l.O-lO"®*^ 

6.66 

1.85 

2.1-10"® 

0.815*10"'* 

0.185*10"'* 

0.7*10’®'^ 

7.5 

1.75 

1.62-10’® 

0.825*10"'* 

0.175*10"'* 

0.5*10’®’^ 

8.0 

1.45 

1.42-10"® 

0.855*10"'* 

0.145*10"'* 

0.5*10"®*^ 

Mean 

1.1- lO"®"^ 

Determination  of  the  Instability  Constants  of  Mercury  and  Silver 


Sliver  and  mercury  dlthlzonates  are  so  stable  that  the  Ions  of  these  metals 
can  be  combined  vlth  dlthlzone  at  any  acidity.  It  has  been  shovn  experimentally 
that  silver  and  mercury  dlthlzonates  dissolved  In  CCI4  are  not  destroyed  with  10  N 
sulfuric  acid.  There  Is  consequently  no  chance  of  carrying  out  determinations 
using  the  concentration  of  the  free  metal  Ions.  In  order,  therefore,  to  determine 
their  Instability  constants  the  equilibrium  reactions  between  their  dlthlzonates  and 
halides  were  studied^  the  latter  form  stable  compounds  with  mercury,  but  the  silver 
halides  have  very  slow  solubility.  The  concentration  of  the  halide  Ions  and  the 
acidity  of  the  solution  are  thereupon  changed.  It  should  be  possible  to  calculate 
the  value  of  the  Instability  constant  of  mercury  dlthlzonate  by  means  of  equation 
(1),  while  that  of  silver  dlthlzonate  can  be  calculated  from  equation  (5),  which 
was  derived  previously  [5]t 


^^^3cGl4*^*5Dz 
[MDzIqci^* [H+Jg^O 


There  Is, however,  no  possibility  of  determining  the  metal  Ion  concentration  experi¬ 
mentally.  Since  there  Is  a  complexlng  agent  In  the  aqueous  phase  (halide  Ions), 
which  was  Introduced  to  combine  with  the  mercury  and  silver  Ions,  then  for  the 


case  of  mercury  In  aqueous  solution  the  folloving  equation  holds: 

[H^+J  +  4X"  =  HgX|", 


from  vhlch 


[Hgfnix; 

[HgXS-] 


*  [HgX4  ] 


By  substituting  this  value  In  equation  (l)  we  get; 

In  the  case  of  the  formation  of  silver  dlthlzonate  In  the  presence  of  halide 
Ions,  the  concentration  of  silver  Ions  In  the  aqueous  phase  Is  determined  by  the 
equation; 

“«•'  -  ■  <“> 

Substituting  this  value  In  equation  (3)  we  get: 

*8^  ■  [X-JHaO-  [AgDzlccu  ‘ 

Equations  (j)  and  (9)  can  be  conveniently  used  for  calculating  the  Instability 
constants  of  mercury  and  silver  from  the  experimental  results. 


TABIE  7 


Vol. 
10  N 
He  SO. 
In  m! 


_ Equilibrium  Concentrations  In  moles/l,  K*2-j)2 

tHgDzal  I  [HDz]  In  I  I  [H+]  [X*]  in 

In  CCI4  CCI4  In  HaO  In  H2O  phase 

phase  phase  phase  HgO 

phase 


TABLE  8 


Halide 

used 


Vol. 
10  N 
H2SO4 
In  ml 


1.0 

0.2 

0.05 

O.k 

0.1 

1.0 

0.5 

0.5 

0.2 

0.1 


Vol.  1  M 

potassium 

halide 

Vol. 
HpO 
phase, 
in  ml 

Hall 

used 

0.05 

11.05 

Br‘ 

0.05 

10.25 

Br“ 

0.05 

10.1 

Br“ 

0.02 

10.0 

Br“ 

0.1 

10.0 

Br” 

1.0 

20.0 

Cl- 

0.5 

20.0 

Cl"< 

2.0 

20.0 

Cl- 

5.0 

20.0 

Cl“ 

4.0 

20.0 

Cl- 

1  Equilibrium  Concentrations  (M/lJ 

^'AgDz 

[AgDz] 
in  CCI4 
phase 

in 

CCI4 

nhase 

W1 

in  HgO 
phase 

0*l8*10“* 

0.16 *10“* 

0.40-10-* 
0.35*10“* 
0.25*10-* 
0.34-10-* 
0.74-10-* 
0.30-10“* 
0.26- 10-* 
0.28-10-* 

0.82-10** 

0.84-10“* 

0.60-10-* 

0.65*10“* 

0.75-10“* 

0.64-10“* 

0.26-10-* 

0.70-10"* 

0.74-10-* 

O.72-IO-* 

0.005 

0.005 

0.005 

0.002 

0.01 

0.15 

0.075 

0.30 

0.75 

0.60 

0000000000 

0.8-10-^® 

4.2-10“^® 

4.8-10-^® 

1.9*10"^® 

2.4- 10”^® 
1.1-10-^® 
0.8-10”^® 

1.4- 10-^® 
1.6-10-^® 
3.6-10"^® 

— 

Mean 

2.3*10"^® 

halide  solution  used  are  given  in  columns  1  and  2  of  Table  7*  After  shaking, 
and  vhen  the  layers  had  separated,  the  CCI4  layer  vas  removed  and  0.5-1  ml  of 
1  N  sulfuric  acid  and  10  ml  of  10'"‘*M  silver  nitrate  added  to  it)  the  whole 
was  then  shaken  up  and  the  CCI4  layer  again  separated  and  the  excess  silver 
nitrate  determined  by  titration  with  dithizone.  Using  these  results, the 
equilibrium  concentrations  of  mercury  dlthizonate  and  mercury  halide  were 
calculatedj  these  values  are  adduced  in  columns  5,6  and  7  of  Table  7* 

Columns  8,  4  and  9  of  the  same  table  contain  hydrogen  ion  concentrations, 
the  complexlng  agent  used,  and  its  concentration, respectively.  In  the  case 
of  potassium  chloride,  3  M  solution  was  used)  the  table  however,  contains 
the  values  calculated  for  1  M  solution.  Column  10  contains  the  calculated 
values  of  the  instability  constants  of  mercury  dlthizonate,  in  which  equation 
(7)  vas  used  for  calculating  from  the  experimental  results.  The  values  for  the 
instability  constants  of  the  halide  complexes  used  [5],  were:  Kggj  =  5-5*lO”®^; 
^HgEr*  =  2. 3-10-“;  KngCU  = 

The  instability  constant  of  silver  dlthizonate  was  determined  in  the 
same  way  as  that  of  mercury  dlthizonate,  equation  (9)  being  used  for  calculating 
from  the  experimental  results. 

The  experimental  results  and  the  calculated  values  of  the  Instability 
constant  of  silver  dlthizonate  are  given  in  Table  8.  The  data  given  in 
Table  8  is  as  follows:  Column  1  -  the  volume  of  10  N  sulfuric  acid  used,  in  ml; 
column  2  —  volume  of  1  M  halide  solution;  column  3  “  volume  of  the  aqueous 
phase;  column  4  -  the  halide  used;  all  these  refer  to  the  respective  values 
used  for  calculating  the  instability  constant  of  silver  dlthizonate.  The 
equilibrium  concentrations  of  silver  dlthizonate  and  of  dithizone  in  CCI4 
are  given  in  columns  5  and  6,  while  columns  7  and  8  contain  the  halide  concen¬ 
tration  and  the  hydrogen  concentration  in  the  water.  The  values  obtained  for 
the  instability  constant  of  silver  dlthizonate  are  given  in  column  9«  The 
values  for  tjae  respective  solubility  products  used  for  calculation  were  [5], 
^PA^r  =  and  LpAgCl  =  0.21*  10"^^. 

From  Tables  7  and  8  the  instability  constant  of  mercury  dlthizonate  has  a 
value  of  0.7*10“'*'*,  while  that  of  silver  dlthizonate  is  2.3*10“^®,  l.e.,  these 
compounds  are  so  stable  that  it  is  necessary  to  Increase  the  acidities  of  the 
solution  and  to  add  complexlng  agents  such  as  halide  ions,  thiourea,  etc., in 
order  to  disrupt  them. 
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SUMMARY 

1.  The  composition  of  the  dlthlzonates  of  nickel,  cohalt,  tin  (ll), 
hlsmuth,  copper  (II),  mercury  (ll)  and  silver  has  been  studied  hy  physico- 
chemlco  analysis  of  their  solutions.  The  composition  of  manganese  (ll) 
and  Iron  (II)  dlthlzonates  vas  determined  from  the  results  of  chemical 
analysis  of  their  dlthlzonates  In  CCI4.  It  -was  found  that  the  composition 
of  silver  dlthlzonate  corresponds  to  the  formula  AgDz,  of  the  dlthlzonates 
of  bivalent  metals  to  MDzg  and  of  bismuth  dlthlzonate  to  BlDza,  In  the 

case  of  copper,  mercury,  and  silver  the  results  adduced  relate  to  dlthlzonates 
obtained  In  an  acid  medium. 

2.  Absorption  curves  for  light  by  solutions  of  the  dlthlzonates  indicated 
In  CCI4  vere  studied. 

3.  Equilibrium  betveen  dlthlzone  and  the  salts  of  nickel,  cobalt,  tin 
(ll),  bismuth,  copper  (ll),  merciory  (II),  and  silver  at  various  acid  concen¬ 
trations,  and  at  various  concentrations  of  the  salts  of  these  metals  has 
been  studied.  The  equilibrium  betveen  dlthlzone  and  mercury  and  silver  salts 
vas  studied  In  the  presence  of  halides.  The  Instability  constants  of  the 
dlthlzonates  have  been  calculated  on  the  basis  of  the  experimental  results. 

The  values  obtained  were  as  follows: 

K'miizz  = 

K'BiDza  = 

K'HgDzE  =  0.7-10-** 

K’stxDza  = 
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THE  GRAVIMETRIC  DETERMINATION  OF  LITHIUM 
V.  E.  Plyushchev  and  I.  V.  Shakhno 

The  M.  V.  Lomonosov  Moscow  Institute  of  Fine  Chemical  Technology 

Of  the  various  methods  used  for  the  quantitative  determination  of  lithium 
(gravimetric,  volumetric,  colorimetric,  electrochemical,  and  spectrographic) , 
the  oldest,  most  numerous,  and  most  often  used  are  the  gravimetric  ones.  These 
include  determination  of  lithium  as  phosphate,  sulfate,  aluminate,  and  zinc 
uranyl  acetate.  The  suggestions  put  forward  in  the  literature  that  lithium  can 
be  determined  gravimetrically  as  the  carbonate  [l],  and  even  the  chloride,  can 
not  be  considered  sound. 

The  phosphate  method,  which  was  suggested  a  long  time  ago  by  Berzelius  [2] 
has  evoked  considerable  attention  and  lively  arguments  and  has  been  assessed  sev¬ 
eral  times.  Some  workers,  such  as  Rammelsberg  [5],  Kraut,  Nahnsen,  and  Cuno  [4], 
reckon  that  the  method  gives  high  results;  further,  at  a  later  date  Rammelsberg 
[5],  and  Murmann  [6],  in  general  denied  the  possibility  of  getting  lithium  phos¬ 
phate  free  from  sodium.  Other  workers,  e.g.,  Mayer  [7],  considered  that  the  pre¬ 
cipitation  of  lithium  by  means  of  secondary  sodium  phosphate  in  the  presence  of 
sodium  hydroxide  ensures  that  pure  lithium  phosphate  is  obtained  by  this  precip¬ 
itation.  Merling  [8],  and  Fresenius  [9],  also  considered  the  method  to  be  com¬ 
pletely  suitable.  There  is  still  no  unanimity  re  this  method. 

The  determination  of  lithium  as  the  sulfate,  which  was  worked  out  more  than 
100  years  agq  continues  to  be  the  most  widely  used  and  apparently  the  most  re¬ 
liable  method.  If  one  does  not  take  into  account  Carnot's  method  [lO],  according 
to  which  lithium  is  first  of  all  separated  from  sodium  and  potassium  by  precipi¬ 
tation  as  the  fluoride,  all  the  remaining  methods  use  differences  in  the  solubil¬ 
ities  of  lithium  chloride  and  the  chlorides  of  the  other  alkali  metals  in  organic 
solvents.  Consequently,  such  methods  assume  that  the  alkali  metals  before  deter¬ 
mination  must  be  converted  into  the  chlorides.  This  group  of  methods  can  be  sub¬ 
divided  into  two.  To  the  first  group  belong  all  gravimetric  methods  of  determ¬ 
ining  lithium  based  on  a  preliminary  treatment  of  the  dry  mixture  of  the  alkali 
chlorides  with  organic  solvents  in  order  to  extract  the  lithium  chloride  directly, 
the  latter  being  then  converted  to  sulfate.  This  group  includes  the  methods  of 
Rammelsberg  [ll],  Kahlenberg  and  Krauskopf  [12],  Winkler  [13],  Brown  and  Reddy 
[l4],  and  Sinka  [15].  They  differ  mainly  only  in  the  solvents  used  for  the  ex¬ 
traction  of  lithium  chloride  from  the  other  chlorides.  Thus,  Rammelsberg  recom¬ 
mends  an  anhydrous  mixture  of  ethyl  alcohol  and  ether  for  extraction  of  lithium 
chloride;  the  mixture,  however,  does  not  give  a  good  separation  of  lithium  and 
sodium,  while  Kahlenberg  and  Krauskopf  recommend  as  a  solvent  pyridine,  which, 
unfortunately,  has  unpleasant  physiological  properties.  Winkler  used  normal  butyl 
alcohol;  this  alcohol,  however,  necessitates  the  introduction  of  appreciable  cor¬ 
rections  for  the  solubility  of  sodium  and  potassium  chlorides.  In  a  newer  method, 
Brown  and  Reddy  used  acetone  for  extraction;  unfortunately,  lithium  chloride  is 
relatively  only  weakly  soluble.  Sinka  recommended  dioxane,  which  is  specific,  but 
is  not  readily  available  and  is  expensive.  To  the  second  group  belong  gravimetric 
methods  based  on  a  preliminary  separation  of  sodium  and  potassium  chlorides  from 
a  solution  of  all  the  chlorides  by  precipitation  with  organic  reagents.  This 
group  includes  the  methods  of  Gooch  [16],  ftilkin  [I7],  and  Caley  and  Axelrod  [I8]. 

Gooch's  method,  which  in  its  original  form  was  applied  as  an  extraction  pro¬ 
cess  and  was  subsequently  modified,  found  wide  application,  and,  particularly  in 
factory  laboratories,  is  the  most  used  for  quantitative  determination  of  lithium. 
Essentially,  it  consists  of  the  dehydration  of  an  aqueous  solution  of  the  mixed 
chlorides  by  means  of  an  organic  solvent  with  a  high  boiling  point  —  isoamyl 
alcohol,  which  dissolves  lithium  chloride  and  precipitates  sodium  and  potassium 
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chlorides  The  serious  drawback  of  this  method  is  the  physiological  activity 
of  Isoamyl  alcohol,  and  the  necessity  of  applying  corrections  for  the  solubil¬ 
ities  of  sodium  and  potassium  chlorides;  moreover,  these  corrections  depend  on 
the  other  salts  present  in  the  mixture,  so  that  it  all  leads  to  uncertainty. 

Before  the  correction  can  be  applied,  the  volume  of  solvent  after  extraction  has 
to  be  measured,  and  this  is  not  always  convenient. 

Pa Ik in' s  method  is  a  variant  of  Rammelsberg' s  method;  Instead  of  dissolving 
the  lithium  chloride,  it  is  recommended  that  sodium  and  potassium  chlorides  be 
precipitated  frcM  aqueous  solution,  in  order  to  do  which  the  concentrated  aque¬ 
ous  solution  of  the  chlorides  is  treated  first  with  alcohol  and  then  with  ether 
The  best  results  are  obtained  when  the  total  weight  of  chlorides  does  not  exceed 
0.5  g.  Caley  and  Axelrod's  method  is  based  on  the  same  principle  as  Gooch's 
method,  but  they  recommend  the  use  of  n-hexanol  and  2-ethyl  hexanol  instead  of 
isoamyl  alcohol.  Since  these  solvents  for  lithium  chloride  do  not  require  the 
application  of  corrections  for  the  solubilities  of  other  alkali  chlorides  and 
have  a  high  boiling  point,  they  uidoubtedly  are  the  best  solvents  for  the  determin¬ 
ation  of  lithium  on  the  principle  of  this  group  of  methods.  Actually,  Caley  and 
Axelrod's  method  is  good  for  the  determination  of  small  amounts  of  lithium  chlor¬ 
ide  and  for  its  separation  from  moderate  amounts  of  sodium  and  potassium  chlorides 
However,  as  the  result  of  the  moderate  solubility  of  lithium  chloride  in  these 
solvents,  the  separation  is  not  satisfactory  for  comparatively  large  amounts  of 
lithium  chloride,  unless  several  extractions  are  made.  A  special  position  among 
this  group  of  methods  under  consideration  is  occupied  by  Wllland  and  anith' s 
suggestion  [19],  which  is  a  combination  of  the  types  mentioned:  according  to 
their  suggestion,  lithium  and  sodium  are  first  extracted  from  the  mixed  perchlor¬ 
ates  of  the  alkali  metals  by  means  of  n-butyl  alcohol,  while  the  sodium  perchlor¬ 
ate  is  subsequently  precipitated  in  the  extract  with  a  solution  of  20^  HCl  in 
butyl  alcohol.  This  method  is  rather  ccmiplicated,  and  has  not  been  used  very 
much.  Separation  by  means  of  fractional  extraction  and  the  composition  of  the 
extracting  solventr  for  the  separation  of  lithium  have  been  described  by  Smith  20 

Other,  more  recent  methods  for  the  gravimetric  determination  of  lithium 
are  precipitation  as  lithium  aluminate  and  lithium  zinc  uranyl  acetate.  Precip¬ 
itation  as  the  aluminate  was  suggested  by  Grother  and  Savelsberg  [21] .  This 
method  can  scarcely  be  regarded  as  reliable,  since  the  analytical  results  vary 
within  a  wide  range.  When  determinations  are  carried  out  by  this  method,  the 
pH  must  be  adjusted  and  controlled  carefully;  precipitation  cannot  be  regarded  as 
complete  under  60  hours;  even  then  duplication  of  results  is  not  always  achieved. 
Precipitation  of  lithium  as  the  zinc  uranyl  acetate,  worked  out  by  Gruttner  [22], 
gives  good  results  according  to  the  author,  for  the  determination  of  0.6-10  mg 
of  lithium  in  solution;  the  error,  however,  is  greater  than  for  determination  of 
lithium  as  sulfate. 

A  similar  method  was  proposed  even  earlier  by  Yu.  A.  Chernikhov,  T.A 
Uspensky,  and  R.S.Aanaina  [23],  for  the  determination  of  small  amounts  of  lithium 
in  its  alloys  with  magnesium.  Unfortunately,  the  test  samples  have  first  of  all 
to  be  purified  from  sodium  salts, which  are  also  precipitated  by  the  reagent;  for 
this  purpose,  extraction  of  anhydrous  chlorides  with  isoamyl  alcohol,  which  is 
the  basis  of  Gooch's  method,  is  recommended.  In  general,  a  return  to  non-aqueous 
solvents  in  methods  involving  separation  of  lithium  and  sodium  from  potassium, 
rubidium,  and  cesium  is  a  characteristic  trend.  Thus,  in  a  description  of  the 
chemical  analysis  of  the  alkali  group  of  metals,  Kato  [214-]  recommends  that  after 
separation  of  lithium  and  sodium  from  potassium,  rubidium,  and  cesium,  the  former 
should  be  converted  into  the  chlorides,  after  which  lithium  is  separated  from 
sodium  by  the  difference  in  the  solubilities  of  their  chlorides  in  amyl  alcohol. 
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Describing  a  method  for  the  analysis  of  silicates  containing  lithium  and 
sodium,  Miller  [25],  recommends  isoamyl  alcohol  for  the  separation  of  lithium 
from  mixtures  of  its  chloride  with  the  chlorides  of  sodium,  potassium  and 
calcium;  he  also  recommends  the  use  of  acetone  for  solving  the  problem. 

Hardly  any  new  solvents  have  been  suggested  for  use  in  the  analysis  of 
lithium  in  the  last  twenty  years.  The  sole  exception  seems  to  be  that  of 
Caley  and  Axelrod  which  we  have  cited. 

A  review  of  the  gravimetric  methods  for  determination  of  lithium  shows 
the  leading  part  played  by  those  methods  which  use  the  sulfate  as  the  form 
to  be  determined  gravimetrlcally  and  in  which  the  most  important  part  is  the 
extraction  processes.  Further  development  of  such  methods  should  be  based 
on  a  systematic  study  of  the  solubilities  of  the  alkali  chlorides  in  organic 
solvents,  since  previous  investigations  with  their  haphazard  character  may 
or  may  not  lead  the  analyst  to  a  successful  method.  Nevertheless,  the  material 
evidence  already  available  shows  that  organic  compounds  which  are  good 
solvents  for  lithium  chloride  are  also  solvents  for  sodium  and  potassium 
chlorides  to  an  appreciable  extent;  on  the  other  hand,  solvents  which  do 
not  touch  sodium  and  potassium  chlorides  do  not  dissolve  lithium  chloride 
to  an  extent  sufficient  for  reliable  extraction.  It  follows  from  what  has 
been  said  that  a  reliable  selective  solvent  has  not  yet  been  found, and 
there  are  no  generalizations  which  can  be  used  as  a  basis  for  a  systematic 
search  for  such  a  solvent.  This,  of  course,  does  not  mefan  that  we  cannot 
immediately  use  some  solvent  or  other  for  the  separation  of  lithium  compounds 
from  the  compounds  of  the  other  alkali  elements  by  using  their  solubility 
characteristics, 

EXIERIMENTAL 

During  a  systematic  study  of  the  solubility  of  the  chlorides  of  the  alkali 
metals  in  saturated  alcohols  we  focussed  our  attention  on  n-propyl  alcohol  as 
a  solvent  which  is  entirely  suitable  for  extracting  lithium  chloride  from  a 
mixture  of  the  other  alkali  chlorides.  This  solvent  has  not  been  previously 
used  for  extraction  despite  the  fact  that  it  possesses  some  essential  advantages; 

1)  It  is  less  physiologically  active  than  all  the  alcohols,  solvent 
mixtures  and  pyridine  used  previously. 

2)  It  has  a  high  solvent  power  for  lithium  chloride,  its  solvent  power 
only  being  exceeded  by  ethyl  and  methyl  alcohols,  which  dissolve  appreciable 

amounts  of  the  other  chlorides. 

» 

At  the  same  time,  at  normal  temperature,  the  solubility  of  sodium  and 
potassium  chlorides  in  n-propyl  alcohol  is  such  that  it. creates  a  favorable 
ratio  between  their  solubility  and  the  solubility  of  lithium  chloride  which 
enables  one  under  certain  conditions  to  do  away  altogether  with  the  application 
of  corrections  in  quantitative  determinations.  A  study  of  the  true  solubility 
of  lithium,  sodium,  and  potassium  chlorides  and  the  effects  of  solution  time  on 
the  amount  of  chloride  that  goes  into  solution  in  n-propyl  alcohol  at  25*  was 
carried  out  in  the  usual  type  of  80  ml  flask  Immersed  in  a  thermostat  and 
provided  with  seals  and  mechanical  stirrers.  Temperature  variation  did  not 
exceed  +  0,1®,  Test  samples  were  removed  with  a  plpet  fitted  with  a  cotton 
filter  and  transferred  to  a  vessel  for  weighing. 

Lithium  was  then  usually  converted  into  the  sulfate  on  the  basis  of  whose 
weight  the  solubility  in  percent  weight  was  determined.  Some  solubility  deter¬ 
minations  were  made  in  parallel  in  which  the  chloride  in  solution  was  determined 
by  Mohr’ s  method.  The  results  of  the  two  series  of  experiments  were  in  good 
agreement.  Determination  of  the  solubilities  of  sodium  and  potassium  chloride 
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were  made  by  titration  of  the  chloride  solutions  with  0,01  N  silver  nitrate 
by  Mohr' s  method.  When  the  Mohr  method  was  used  the  chloride  solutions  were 
evaporated  to  remove  organic  solvent  and  the  chloride  determined  in  aqueous 
solution.  In  those  cases  where  it  was  only  possible  to  carry  out  qualitative 
tests,  no  titrations  were  made  and  only  an  estimate  of  the  solubility  of  the 
salt  was  made  by  testing  with  silver  nitrate.  All  the  chlorides  used  were 
prepared  from  analytical  grade  chemicals  by  two-three  re crystallizations. 

The  purity  of  each  chloride  was  checked  by  spectrographlc  analysis.  The 
n-propyl  alcohol  from  Sobering  had  a  boiling  point  of  97*2®. 

The  rate  at  which  the  chlorides  of  lithium,  sodium  and  potassium  dissolved 
in  n-propyl  alcohol  at  25®  is  shown  in  Table  1,  in  which  the  solubilities  are 
expressed  in  percent  weight  at  various  times  from  the  beginning  of  the  test. 

TABIE  1 


Chlorides  I  _ Solubility  in  %  weight  after 

1 10  min,  1  20  min.  \  30  min.  ^0  min. 


11.78  12.63  i4.05  Ik.kl 
Traces  Traces  0.0l6  0.0l6 
None  None  Traces  0.CX)7 


14.52 

Not.  determln. 


15.60 

0.019 

0.008 


The  tabulated  results  show  that  the  equilibrium  solubility  of  lithium 
chloride  is  more  than  750  times  that  of  sodium  chloride  and  more  than  I500 
tlxaes  that  of  potassium  chloride.  Another  noteworthy  feature  is  that  most 
of  the  lithium  chloride  dissolves  in  the  first  10-20  minutes,  while  a  very 
insignificant  amount  of  sodium  chloride  dissolves  and  none  of  the  potassium 
chloride  in  the  same  time.  This  means  that  the  solution  rates  of  the 
individual  chlorides  in  n-propyl  alcohol  are  favorable  for  extraction  for 

analytical  purposes  —  the  rates 
decrease  from  lithium  to 

TABLE  2  potassium  chloride  so  that 

the  difference  in  the  amount 
of  salts  dissolving  becomes 
even  more  favorable  to  the 
lithium  chloride.  In  order 
to  prevent  any  sodium  or 
potassium  chlorides  dissolving 
in  the  solution  during  extraction 
of  lithium  chloride  with  n-propyl 
alcohol,  we  used  alcohol  which  had 
been  previously  saturated  with 
dry  gaseous  hydrogen  chloride. 

We  incidentally  checked  on  the 
solubility  of  rubidium,  cesium,  and  barium  chlorides  under  these  conditions. 
Table  2  contains  results  on  the  solubility  of  the  chlorides  of  lithium, 
sodium, potassium,  rubidium,  cesium,  and  barium  in  n-propyl  alcohol,  saturated 
with  gaseous  hydrogen  chloride  at  25®.  Solubility  is  expressed  in  percent 
weight  in  relation  to  the  time  for  taking  a  sample  from  the  moment  when  the 
test  was  started.  The  solubility  of  lithium  chloride  was  determined  by  the 
sulfate  method,  the  presence  of  the  other  chlorides  in  solution  was  checked 
by  characteristic  qualitative  reactions;  for  sodium  -  reaction  with  zinc  uranyl 
acetate;  for  potassium  and  rubidium  —  reaction  with  chloroplatlnic  acid  and 
for  cesium  —  reaction  with  sodium  silicomolybdate . 
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TABLE  3 


Expt . 
No. 

LlCl 
taken 
in  g 

NaCl 
taken 
in  g 

KCl 
taken 
in  g 

LiCl 
found 
in  g 

Error  in 
LiCl 
in  g 

1 

0.1030 

— 

0.1029 

-0.0001 

2 

0.1085 

— 

- 

0.1084 

-0.0001 

5 

0.1178 

- 

- 

0.1176 

-0.0002 

k 

0.2527 

- 

- 

0.2528 

+0.0001 

5 

0.0442 

0.2830 

— 

0.0440 

-0.0002 

6 

0.1185 

0.1049 

— 

0.1184 

-0.00(1 

7 

0.1280 

0.1106 

— 

0.1284 

+0.0004 

8 

0.1758 

0.2089 

- 

0.1754 

-0.0004 

9 

0.2351 

0.2166 

- 

0.2554 

+0.0003 

10 

0.2819 

0.2519 

- 

0.2815 

-0.0004 

11 

0.l8l4 

- 

0.1388 

0.1815 

+0.0001 

12 

0.0769 

0.2284 

0.2026 

0.0769 

+0.0000 

13 

0.1741 

0.1045 

0.0567 

0.1738 

-0.0005 

Ik 

0.2065 

0.1591 

0.1655 

0.2067 

+0.0002 

It  vas  thus  shovn  that 
the  alkali  chlorides  vith 
the  exception  of  lithium 
chloride ;  and  of  barium 
chloride  for  long  extraction 
periods  with  n-propyl  alcohol 
saturated  with  dry  gaseous 
hydrogen  chloride,  do  not 
dissolve  in  this  alcohol. 

Lithium  chloride  can 
therefore  be  determined; 
the  solubility  of  lithium 
chloride;  although  slightly 
lower  than  in  the  pure  solvent, 
is  still  high  and  exceeds  the 
solubility  of  all  other  solvents 
recommended  previously. 

Calcium  must  be  removed. 

Numerous  experiments  on 
extraction  of  lithium  chloride 


from  mixtures  of  its  chloride 

with  that  of  sodium  and  potassium  chlorides  confirmed  that  n-propyl  alcohol 
saturated  with  dry,  gaseous,  hydrogen  chloride  can  be  used  as  a  solvent.  The 
results  obtained  for  the  determination  of  lithium  after  extraction  as  chloride  and 


conversion  into  sulfate,  and  by  the  chloride  ion  are  given  in  Table  3.  In 
experiments  7-10  and  12-14  the  residue  after  evaporation  of  the  salt  solution 
was  treated  with  alcohol;  in  the  others,  lithium  chloride  or  its  mixtures  with 
the  other  chlorides. 


The  results  given  in  Table  3  show  that  by  extraction  of  lithium  chloride 
with  n-propyl  alcohol  saturated  with  dry,  gaseous,  hydrogen  chloride,  it  is 
possible  to  determine  lithium  as  the  sulfate  in  initial  amounts  of  40  mg  to  0.3  g 
calculated  as  chloride,  with  very  little  error.  We  checked  on  the  purity  of  the 
two  lithium  sulfate  precipitates  obtained  after  extraction  of  lithium  chloride 
from  the  chloride  mixtures;  in  both  cases  no  sodium  or  potassium  could  be  found 
spectrographically . 


METHOD 

0.8  g  of  the  dry  precipitate  of  the  alkali  chlorides  was  worked  up  in 
15  ml  of  n-propyl  alcohol  saturated  with  dry,  gaseous,  hydrogen  chloride,  the 
salt  crystals  being  carefully  ground  up  for  3-5  minutes  with  a  glass  rod.  The 
solution  was  left  to  stand  for  some  time  and  then  poured  through  a  fine  filter 
into  a  pure  platinum  or  quartz  beaker. 

Experiment  showed  that  when  more  than  0.15  g  of  lithium  chloride  was 
present  in  the  mixture,  one  extraction  was  not  enough  (95-96^  of  lithium 
chloride  was  extracted  during  the  first  extraction)  so  that  for  accurate  deter¬ 
minations  it  was  necessary  to  repeat  the  extraction  under  the  same  conditions 
as  the  first.  After  the  second  extraction,  the  filter  was  treated  in  a 
separate  beaker  with  5  ml  of  solvent  and  the  solution  combined  with  the  bulk 
of  the  extracted  lithium  chloride  by  passing  it  through  the  cleaned  filter; 
beaker  and  filter  were  rinsed  with  two  5“Jttl  lots  of  solvent  and  the  wash  solu¬ 
tion  combined  with  the  rest.  Treatment  of  the  filter  in  a  beaker  is 
necessary  because  a  very  small  amount  of  finely  dispersed  lithium  chloride  could, 
after  the  first  extraction,  pass  together  with  the  solution  on  to  the  filter  and 
not  be  Included  in  the  second  extraction  Involving  treatment  with  the  glass  rod. 
The  combined  solution  contained  in  the  platinum  or  quartz  beaker  and  containing 
all  the  lithium  chloride  was  evaporated  to  a  minimum  volume  on  a  sand  bath  and 
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then  transferred  to  a  tared  platinum  or  quartz  crucible,  where  it  was  also 
evaporated.  The  beaker  was  rinsed  with  small  amounts  of  distilled  water  and 
the  wash  water  also  added  to  the  same  crucible,  after  which  the  contents  were 
evaporated  to  dryness.  During  evaporation  of  the  solution  in  the  beaker  one 
must  be  careful  to  avoid  complete  evaporation,  for  in  that  case  it  would  be 
difficult  to  wash  off  all  the  chloride  from  the  beaker  walls,  as  the  solution  ' 

would  be  too  thick  and  its  viscosity  high. 

The  lithium  chloride  was  converted  into  sulfate,  which  was  then  calcined 
at  650-700*  ill  a  muffle  for  30  minutes  and  then  weighed;  calcining  was  repeated 
for  IO-15  minutes  to  constant  weight. 

If  small  platinum  or  quartz  beakers  ca.  50  ml  are  available,  it  is  more 
convenient  to  transfer  the  solution  after  extraction  directly  into  the  beaker, 
and  to  carry  out  evaporation  and  conversion  into  the  sulfate  in  it. 

SUMMARY 

1.  A  brief  review  is  given  of  published  work  on  the  gravimetric 
determination  of  lithium. 

2.  The  solubility  of  lithium,  sodium,  and  potassium  chlorides  in  n-propyl 
alcohol  at  25®  has  been  studied. 

3.  It  has  been  shown  that  lithium  chloride  can  be  extracted  reliably 
from  a  mixture  of  the  alkali  chlorides  by  means  of  n-propyl  alcohol  saturated 
with  dry  aqueous  hydrogen  chloride. 

4.  A  method  is  suggested  for  the  quantitative  determination  of  lithium 
as  the  sulfate  based  on  the  extraction  of  lithium  chloride  from  a  mixture  of 
chlorides  by  means  of  n-propyl  alcohol. 

Received  March  23,  1955. 
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The  methods  most  often  used  for  the  volumetric  determination  of  metals  vith 
8-hydroxyqulnollne  is  that  based  on  direct  bromatometric  titration  [l].  KBr 
and  a  small  excess  of  standard  KBrOs  (using  methyl  red)  are  added  to  the  solution 
of  the  metal  hydroxyqulnolate  in  HCl',  KI  is  then  added  and  the  iodine  liberated 
backtitrated  with  thiosulfate. 

KBrOa  +  5KBr  +  6HC1  =  +  KCl  +  5H2O. 

CgHyON  +  2Br2  =  CgH50NBr2  +  2HBr . 

8-hydroxyqulnoline  5 , 7“dlbromo-8-hydroxyquinollne 

2KI  +  2Br  =  2KBr  +  21. 

I2  +  2Na2S203  =  Na2S40g  +  2NaI. 

Bivalent  copper,  trlvalent  iron,  interfere  with  the  titration  of  8-hydroxy¬ 
qulnollne  by  this  method, as  a  result  of  the  oxidation  of  iodide  to  free  iodine. 
Poethke  [2],  titrated  excess  bromine  vith  a  solution  of  arsenlte  in  the  presence 
of  p-ethoxychrysoldine,  in  vhlch  case  copper  and  iron  do  not  Interfere. 

Direct  titration  of  8-hydroxyqulnollne  with  bromate  does  not  give  accurate 
results  because  it  is  difficult  to  determine  the  equivalence  point  with 
indicators. 

Methods  based  on  the  oxidation  of  8-hydroxyqulnollne  with  standard 
permanganate  [3],  with  quadrivalent  cerium  [^,5]^  with  qulnquevalent  vanadium 
[6],  and  also  by  acldlmetrlc  methods  [7],  have  not  found  wide  application 
for  a  variety  of  reasons.  Neither  have  methods  for  the  direct  potent lometric 
titration  of  8-hydroxyquinollne  with  bromate  [8,9,10],  as  described  in  the 
literature,  which  require  a  cathodic  voltmeter  or  a  set-up  for  measuring 
E.M.F.  by  compensations  methods,  found  practical  application. 

The  discovery  of  a  more  practical  method  of  determining  the  equivalence 
point  during  direct  bromatometric  titration  of  8-hydroxyquinoline  in  hydro¬ 
chloric  acid  would  lead  to  a  simplification  and  a  speed  up  in  the  determination 
of  copper,  iron,  bismuth,  manganese,  and  other  elements  by  means  of  8-hydroxy¬ 
qulnoline  . 

Our  experiments  have  shown  that  the  equivalence  point  can  be  established 
with  reasonable  accuracy  by  means  of  the  simple  set-up  shown  in  Fig.  1. 

The  titration  apparatus  consists  of  a  calomel  electrode  of  any  design 
with  a  saturated  solution  of  potassium  chloride,  and  a  beaker  containing  the 
solution  of  the  metal  hydroxyqulnolate  in  hydrochloric  acid,  in  which  a 
platinum  electrode  is  Immersed.  The  calomel  electrode  is  linked  to  the  titration 
solution  by  a  P]  shaped  tube  filled  with  a  saturated  solution  of  potassium 
chloride  and  closed  with  a  thick  plug  of  filter  paper.  The  calomel  electrode 
is  connected  by  a  copper  wire  through  a  radio  resistance  of  10,000-50,000  o  to 
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the  negative  pole  of  a  mllllvoltmeter  or  the  galvanometer  from  a  pyrometer,  while 
the  platinum  electrode  is  connected  to  the  positive  terminal.  The  value  of  the 
resistance  in  the  circuit  is  selected  empirically  so  that  the  needle  of  the 
millivoltmeter  is  displaced  at  the  equivalence  point  hy  20-30  scale  divisions 
on  adding  one  drop  of  bromate  solution.  The  solution  of  8-hydroxyqulnolate 
being  titrated  is  thoroughly  mixed  with  an  electrically-driven  glass  stirrer. 

In  order  to  study  the  titration  of  8-hydroxy- 
quinoline  with  bromate  by  means  of  the  apparatus 
described,  a  standard  solution  of  aluminum 
8-hydroxyquinolate  in  hydrochloric  acid  was 
prepared, since  the  preparation  of  chemically 
pure  8-hydroxyqulnoline  presents  some  difficulty. 
The  aluminum  hydroxyqulnolate  was  prepared  by 
adding  a  solution  of  8-hydroxyqulnollne  in 
dilute  formic  acid  to  a  weak  mineral  acid  solu¬ 
tion  of  aluminum  ammonium  alum  containing  0.1  g 
A1203/100-150  ml;  30  ml  of  hydroxyqulnoline 
solution  being  used  for  each  0.1  g  AI2O3.  The 
8-hydroxyquinoline  solution  was  prepared  as 
follows:  4  g  of  hydroxyqulnoline  was  dissolved 
in  the  smallest  possible  amount  of  80^  formic 
acid,  and  diluted  with  water  to  100  ml,  after 
which  ammonia  was  added  dropwise  until  a  faint 
turbidity  was  observed,  the  solution  was  then 
filtered  twice  through  the  same  filter.  After 
Fig.  1.  adding  the  8-hydroxyquinollne  the  whole  was 

brought  to  the  boll  and  2  N  sodium  acetate 
added  dropwise.  As  soon  as  turbidity  appeared 
no  further  sodium  acetate  was  added  until  the  precipitate  became  crystalline. 

When  this  occurred  another  50  ml  of  sodium  acetate  solution  was  added  for 
each  0.1  g  of  AI2O3  in  the  mixture  and  boiled  gently  for  another  10  minutes. 

The  crystalline  precipitate  of  aluminum  8-hydroxyqulnolate  was  filtered  from 
the  hot  solution  and  washed, first  with  hot  water  and  then  cold, until  the  wash 
water  was  colorless.  The  precipitate  was  dried  at  130*  to  constant  weight. 

The  exact  amount  of  aluminum  8-hydroxyquinolate  Al(C9H60N)3  was  dissolved  in 
HCl  (Isl)  in  a  standard  flask  and  the  solution  made  up  to  the  mark  with 
HCl  (la). 

In  order  to  titrate  8-hydroxyquinol.ine,  1  g  of  KBr  was  added  to  an  aliquot 
of  the  aluminum  hydroxyqulnolate  solution  in  the  titration  beaker  containing 
ca.  20^  HCl,  and  the  solution  titrated  with  0.1  N  KBr03  with  thorough  agitation 
of  the  solution  with  the  glass  stirrer.  The  bromate  was  added  dropwise  near 
the  equivalence  point.  At  the  equivalence  point  the  millivoltmeter  needle  should 
move  through  15-20  scale  divisions  when  one  drop  is  added.  The  needle  should 
not  return  to  its  zero  position  for  2-3  minutes.  If  the  approximate  position 
of  the  equivalence  point  is  known,  titration  should  only  take  4-5  minutes. 

In  order  to  study  the  effect  of  bivalent  copper,  trlvalent  iron,  bismuth 
and  other  elements,  the  respective  metal  salt  was  added  to  the  aluminum 
hydroxyqulnolate  solution  contained  in  the  titration  beaker. 

Typical  results  are  adduced  in  the  table;  they  show  that  the  method  is 
reasonably  accurate  and  reproducible.  The  somewhat  higher  figures  are 
probably  the  result  of  loss  by  volatilization  of  small  amounts  of  bromine 
near  the  equivalence  point  when  titrating  in  an  open  beaker.  (Before  the 


Titration  of  8-Hydroxyqulnollne  in  the  Presence  of  Various  Metals 


Expt. 

No. 

Taken  1 

Added, in 
g 

0.1  N 
KBrOa 
used, 
in  ml 

8-Hydroxy- 

qulnollne 
found, in 
g 

Error 

A1 

(CsHeONja, 
in  ml 

TC9H7ON 

3-Hydroxy- 
quinollne , 
in  g 

Abs., 

g 

Relative, 

♦ 

1 

25.0 

0.003828 

0.0907 

— 

25.5 

0.0916 

+0.0011 

+1.2 

2 

25.0 

0.003828 

0.0907 

- 

25.2 

0.0914 

+0.0007 

+0.0 

3 

20.0 

0.002977 

0.0564 

- 

15.55 

0.0564 

0 

0 

4 

20.0 

0.002977 

0.0564 

- 

15.60 

0.0566 

+0.0002 

+0.4 

5 

50.0 

0.002977 

0.l4ll 

- 

39.20 

0.1422 

+0.0011 

+0.8 

6 

50.0 

0.002977 

0.1411 

- 

59.10 

0.l4l9 

+0.0008 

+0.6 

7 

25.0 

0.003828 

0.0907 

1  Bi 

25.2 

0.0914 

+0.0007 

+0.8 

8 

25.0 

0.003828 

0.0907 

Ditto 

25.1 

0.0911 

+0.0004 

+0.4 

9 

50.0 

0.002977 

0.l4ll 

0.5  Fe^^^ 

39.30 

0.1426 

+0.0015 

+1 

10 

50.0 

0.002977 

0.1411 

Ditto 

39.30 

0.1426 

+0.0015 

+1 

11 

50.0 

0.002977 

0.1411 

Ditto 

39.30 

0.1426 

+0.0015 

+1 

12 

25.0 

0.003828 

0.0907 

0.5  Cull 

25.0 

0.0907 

0 

0 

13 

25.0 

0.003828 

0.0907 

Ditto 

25.1 

0.0911 

0 

0 

i 

+0.4 

l4 

25.0 

0.003828 

0.0907 

Ditto 

25.0 

0.0907 

0 

0 

equivalence  point  no  appreciable  odor  of  bromine  is  detectable,  at  the  equivalence 
point  a  weak  odor  can  be  detected,  and  after  the  equivalence  point  the  odor 
becomes  quite  strong).  Large  amounts  of  biAalent  copper,  trlvalent  iron, 
bismuth  and  many  other  metals  did  not  appreciably  affect  the  tltraolon  results. 

Copper,  iron,  bismuth,  magnesium,  and  other  elements  can  be  determined 
by  precipitation  with  8-hydroxyquinoline  under  suitable  conditions  [l]: 
dissolving  the  washed  precipitates  in  30-40  ml  HCl  (l:l),  adding  potassxum 
bromide  and  titrating  with  bromate  as  described  above.  If  too  much  metal  is 
present  the  solution  is  diluted  with  HCl  (Itl),  made  up  to  standard  volume, 
and  aliquots  titrated. 

The  accuracy  of  the  metal  determinations  depends  on  the  accuracy  of 
titration  with  8-hydroxyqulnollne  with  bromate  (see  Table)  and  the  correspondence 
between  the  composition  of  the  precipitate  and  its  formula. 

8-Hydroxyqulnolate  precipitates  can  be  dissolved  in  technical  hydrochloric 
acid,  since  trlvalent  iron  does  not  interfere  with  the  titration. 

SUMMARY 

A  rapid  and  fairly  accurate  direct  bromatometrlc  method  of  titrating 
8-hydroxyqulnoline  is  described.  Trlvalent  iron,  bivalent  copper,  bismuth, 
and  many  other  elements  do  not  interfere. 

Received  February  22,  1952. 
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THE  EETERMINATION  OF  COPfER  ACETYLIDES  IN  THE  PRESENCE 
OF  OTHER  COPIER  COMPOUNDS 

N.  N.  Polyakov 

Gorlovsky  State  Nitrogen-Fertilizer  Factory 


It  happens  sometimes  that  it  is  necessary  to  have  an  accurate  quantitative 
estimation  of  the  amount  of  copper  acetylides  in  a  mixture  which  also  contains 
other  copier  compounds  (cupric  oxide,  basic  copper  carbonate,  cuprous  sulfide, 
cuprammonium  compounds ) . 

Usually  the  test  material  is  treated  with  10-15^  hydrochloric  acid  for  the 
qualitative  determination  of  copper  acetylides.  The  acetylene  released  is  a 
proof  of  the  presence  of  copper  acetylides  in  the  test  mixture.  This  method 
is  not  suitable  for  quantitative  determinations  since  the  acetylene  liberated 
is  not  equivalent  to  the  copper  acetylide. 

The  basis  of  the  method  described  below  is  the  property  of  potassium  cyanide 
to  decompose  copper  acetylides  with  the  simultaneous  evolution  of  acetylene  in 
amounts  equivalent  to  the  acetylide.  The  reactions  which  occur  may  be  expressed 
by  the  following  equations 

CU2C2  +  6kCN  +  2H2O  =  K4[Cu2(CN)6]  +  2K0H  +  C2H2  ”  cuprous  acetylide 

and  2CuC2  +  8KCN  +  4H2O  =  K4[Cu2(CN)6]  +  4K0H  +  2C2H2  +  (CN)2  “  for  cupric 

acetylide . 

The  gaseous  acetylene  evolved  is  absorbed  in  an  ammonlacal  solution  of 
univalent  copper)  the  copper  content  of  the  precipitated  acetylide  (Cu2C2*H20) 
formed  is  then  determined  iodometrically  and  the  acetylide  calculated  from  this. 

It  has  been  established  by  some  workers  [1,2,5]  that  the  acetylene  is 
quantitatively  combined  as  the  acetylide  in  the  ammonlacal  solution  of  univalent 
copper.  Consequently,  the  amount  of  copper  in  the  precipitated  acetylide  should 
correspond  exactly  to  the  amount  of  copper  combined  with  the  acetylene  liberated 
by  treatment  of  the  test  material  with  potassium  cyanide  solution. 

Determinations  were  made  as  follows?  a  rubber  bung  with  two  holes  was 
fitted  into  the  neck  of  a  300  ml  flask  (Fig.).  A  special  funnel  was  fixed  in  one 
hole;  this  funnel  was  fitted  with  a  two  way  tap  2,  to  which  was  fused  a  small 
graduated  funnel  3  and  a  branch  tube  4.  Through  the  other  hole  a  tube  was  fitted 
which  led  to  a  series  of  absorbers  ^,6  and  7- 

Absorber  5  contains  a  freshly  prepared  suspension  of  ferrous  hydroxide  in  a 
solution  of  potassium  hydroxide  for  the  absorption  of  cyanogen.  Absorber  6  is 
empty  and  serves  as  a  splash  head.  Absorbers  7,  rfhlch  have  a  capacity  of  100  ml 
each,  contain  the  ammonlacal  solution  of  univalent  copper  (20  g  cupric  nitrate, 

80  ml  ammonia  water  containing  20-21^  NHa?  and  60  g  of  hydroxy lamlne  hydrochloride 
are  dissolved  in  distilled  water  and  the  whole  made  up  to  1  liter). 

25-50  ml  of  solution  was  Introduced  into  each  of  the  absorbers  7*  The  last 
absorber  was  fitted  with  a  three-way  tap  8,  whereby,  if  necessary  the  apparatus 
could  be  connected  to  a  water  pump  9-  A  nitrogen  cylinder  was  connected  to  flask  1 
via  4.  An  aliquot  (0. 1-0.2  g)  of  the  sample  was  placed  in  flask  l,the  bung  replaced. 


337 


and  a  stream  of  nitrogen  tlown  through  the  apparatus  for  2-5  minutes.  When  this 
had  been  done  the  flask  was  connected  via  the  absorbent  train  and  tap  8  to  the 
water  pump  9»  As  soon  as  a  slight  vacuum  had  been  created  in  flask  1,  20  ml  of 
10^  potassium  cyanide  was  poured  into  funnel  3.  Tap  11  was  then  opened  wide  and 
by  carefully  turning  tap  2  the  potassium  cyanide  solution  was  Introduced  into 
flask  1,  care  being  taken  that  no  air  got  into  the  flask  and  that  the  solution 
completely  covered  the  sample.  The  flask  was  then  connected  via  the  two-way  tap 
to  the  nitrogen  cylinder,  while  absorber  7  "was  opened  to  the  atmosphere  via  three- 
way  tap  8.  The  nitrogen,  passing  through  the  apparatus  into  the  absorbers,  takes 

the  acetylene  with  it  and 
copper  acetylldes  began  to  pre¬ 
cipitate  in  the  first  absorber 
containing  the  univalent  copper 
solution.  The  nitrogen  flow 
was  so  regulated  that  one  could 
count  the  gas  bubbles.  When 
this  rate  was  maintained  the 
acetylene  usually  did  not  get 
into  the  third  absorber  at  all, 
and  all  the  copper  acetyllde 
was  pre9dpltated  in  the  first 
two  absorbers.  When  no  more 
precipitate  was  formed  the  sol¬ 
ution  in  the  flask  was  heated 

to  the  boil  for  1-2  minutes  in 
order  to  remove  all  the  acetyl¬ 
ene  from  solution.  The  copper 
acetyllde  precipitate  was  fil¬ 
tered  through  a  filter  paper, 
washed  twice  with  5^  ammonia, 
solution  and  twice  with  water; 
it  was  then  dissolved  in  situ 
on  the  filter  paper  in  pure  20^ 
hydrochloric  acid,  and  the  fil¬ 
ter  washed  with  distilled  water,  and  no  reaction  for  Cl  could  be  detected.  The 
hydrochloric  acid  filtrate  was  evaporated  to  a  few  mis,  treated  with  10  ml  concen¬ 
trated  nitric  acid,  and  evaporated  again  almost  to  dryness,  care  being  taken  that 
the  residue  in  the  flask  did  not  darken.  The  practically  dry  residue  was  dissolved 
in  10  ml  water.  The  solution  was  then  treated  with  25^  ammonia  solution  until  the 
copper  complex  was  formed.  Excess  ammonia  was  removed  by  heating  (till  all  the 
odor  disappeared),  after  which  4-5  ml  of  80^  acetic  acid  was  added. 

The  solution  was  allowed  to  stand,  10  ml  of  10^  KI  solution  added,  and  the 
solution  titrated  with  0.01  N  sodium  thiosulfate  to  a  light  straw  color  when 
starch  was  added,  and  the  titration  carried  on  to  the  final  colorless  end  point. 

The  acetylene  content  calculated  as  CuaCg  was  determined  by  means  of  the 
formula ; 


Set-up  for  the  determination  of  copper  acetylldes. 
1)  Flask  for  decomposition  of  the  acetylldes;  2) 
two-way  tap;  5)  unnel;  4)  side  tube;  5)  absorber 
containing  ferrous  hydroxide;  6)  splash  head;  7) 
absorbers  containing  a  solution  of  univalent  cop¬ 
per;  .8)  three-way  tap;  9)  water  pump;  10)  nitro¬ 
gen!  cylinder;  11)  one-way  tap. 


^U2C2 


a'T*151.l6»100 
2*^5. 57-C 


> 


where  a  is  the  number  of  mis  of  0.01  N  sodium  thiosulfate  used  in  the  titration; 

T  is  the  normality  of  the  0.01  N  thiosulfate  standardized  against  copper;  151.16 
is  the  molecular  weight  of  CU2C2;  65.57  is  the  atomic  weight  of  copper;  C  is  the 
weight  of  sample,  in  grams. 
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TABLE  1 


TABLE  2 


Quantitative  Determination  of  Cuprous  Quantitative  Determination  of  Cupric 
Acetylide  Acetylide 


Expt. 

No. 

Weight  of 
metallic 
copper  con¬ 
verted  into 
cuprous  acet- 
yllde,  in  g 

Copper  found 
in  the  solu¬ 
tion  after 
repeated  de¬ 
composition 
of  copper 
acetylide 
with  hydro¬ 
chloric  acid, 
in  K 

Error, 

n 

Expt. 

No. 

Weight  of 
metallic 
copper  con¬ 
verted  into 
cupric  acet¬ 
ylide,  in  g 

Copper  found 
in  the  solu¬ 
tion  after 
repeated  de¬ 
composition 
of  copper 
acetylide 
with  hydro¬ 
chloric  acid 
in  g 

Error, 

It 

1 

— 

0.0112 

0.0109 

-2.8 

1 

0.0174 

0.0174 

0.0 

2 

0.0151 

0.0152 

+0.66 

2 

0.0250 

0.0249 

-0.4 

5 

0.0151 

0.0152 

+0.66 

5 

0.0350 

0.0360 

+2.8 

k 

0.0151 

0.0155 

+1.5 

4 

0.0318 

0.0316 

-0.6 

5 

0.0356 

0.0357 

+0.3 

5 

0.0398 

0.0384 

-5.5 

6 

0.0402 

0.0394 

-2.0 

6 

0.0400 

0.0399 

-0.25 

7 

0.0402 

0.0392 

-2.5 

7 

0.0570 

0.0568 

-0.35 

8 

0.0528 

0.0534 

+1.1 

8 

0.0660 

0.0674 

+2.1 

9 

0.0620 

0.0605 

-2.4 

The  accuracy  of  the  method  described  above  vas  checked  as  follows.  An 
accurately  weighed  amount  of  pure  metallic  copper  was  dissolved  in  nitric  acid. 

This  solution  was  neutralized  with  ammonia  until  the  blue  complex  was  formed. 

The  complex  copper  solution  was  then  decolorized  by  addition  of  hydroxylamlne 
hydrochloride.  Copper  was  precipitated  from  this  reduced  solution  with  pure 
gaseous  acetylene.  The  washed  precipitate  of  copper  acetylide  was  introduced 
together  with  the  filter  into  flask  1  described  in  the  apparatus  above,  and 
decomposed  with  10^  potassium  cyanide.  The  acetylene  evolved  was  then  trapped 
in  absorbers  7  aiid  converted  again  into  copper  acetylide, in  which  the  copper 
was  determined  as  described  above.  The  results  were  calculated  on  the  basis 
of  copper, and  not  Cu2C2. 

The  suitability  of  this  method  for  acetylide  compounds  of  bivalent  copper 
was  also  checked  in  the  same  way.  An  accurate  weight  of  electrolytic  copper 
was  dissolved  in  nitric  acid.  After  addition  of  ammonia  to  form  the  complex 
copper  compound,  pure  acetylene  was  passed  through  the  solution  until  it  was 
decolorized. 

The  filtered  and  washed  precipitate  of  the  cupric  acetylide  was  decomposed 
with  potassium  cyanide,  the  acetylene  evolved  trapped  as  cuprous  acetylide,  which 
was  then  broken  down  with  hydrochloric  acid, and  the  copper  determined  in  the 
solution  iodometrically. 

The  results  given  in  Tables  1  and  2  show  that  the  method  suggested  is 
completely  suitable  for  the  determination  of  copper  acetylldes  in  the  presence 
of  other  copper  compounds. 

SUMMARY 

1.  It  has  been  shown  that  both  cuprous  and  cupric  acetylldes  are  decomposed 
by  a  solution  of  potassium  cyanide  to  give  an  equivalent  amount  of  gaseous  acetylene. 
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2.  A  method  is  suggested  for  the  quantitative  determination  of  copper 
acetylides  based  on  this  decomposition  by  potassium  cyanide  solution,  the 
acetylene  released  being  trapped  in  a  solution  of  univalent  copper  to  give  a 
pure  acetyllde  in  which  copper  is  subsequently  determined  iodometrically. 
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NEW  COLOR  REACTIONS  FOR  OXALATES  AND  SULFITES 


A.  P.  Kreshkov,  S.  S.  Vilborg,  and  K.  I.  Filippova 
The  D.  I.  Mendeleev  Institute  of  Chemical  Technology,  Moscov 


Reactions  based  on  their  reducing  properties  [1-5],  are  normally  used  for 
the  detection  of  oxalates  and  sulfites.  The  majority  of  these  methods  is  of 
low  sensitivity.  In  order  to  detect  small  amounts  of  rxalates,  more  sensitive 
color  reactions  are  used:  the  formation  of  characteristically  colored  compounds 
when  oxalic  acid  and  its  salts  interact  with  diphenylamlne  [^,5],  with  resorcinol 
[6],  and  with  2,7-dihydroxynaphthalene  [7];  coupled  oxidation  of  indigo  to  isatin 
by  potassium  bichromate  in  the  presence  of  oxalic  acid  [8],  etc. 

The  formation  of  characteristically  colored  compounds  as  the  result  of 
interaction  between  oxalates  and  organic  materials  is  usually  carried  out  in 
concentrated  sulfuric  acid  and  is  often  unreliable. 

For  detection  of  small  amounts  of  sulfites,  sensitive  color  reactions  are 
employed:  when  sulfites  react  with  sodium  nltroprusslde  in  the  presence  of 
potassium  ferrocyanide  and  zinc  salts,  colored  solutions  or  a  colored  precipitate 
are  formed  [9,10];  sulfites  react  with  tannic  materials  in  the  presence  of 
potassium  ferrlcyanide  to  form  colored  compounds  [11];  for  the  detection  of 
sulfites  in  the  presence  of  thiosulfates  decolorization  of  fuchsln  or  malachite 
green  [12],  can  be  used;  reactions  based  on  the  catalytic  action  of  sulfur 
dioxide  are  also  used.  e.g.  Induced  oxidation  of  nickel  hydroxide  (ll)  to 
nickel  hydroxide  (ill)  by  atmospheric  oxygen  [13],  the  oxidation  of  Indigo  by 
bromates,  chlorates,  lodates  [14,15],  etc. 

The  formation  of  the  difficultly  soluble  oxalates  of  calcium,  thorium, and 
other  cations  is  characteristic  [16].  Among  the  reactions  listed  above  no 
reactions  which  involve  the  formation  of  colored  precipitates  of  oxalates  or 
sulfites  are  included. 

We  should  like  to  propose  a  new  reaction  for  oxalates  and  sulfites  which  is 
based  on  the  formation  of  fine,  crystalline,  brown  precipitates  when  oxalates  or 
sulfites  react  with  an  acetic  acid  solution  of  a  salt  of  bivalent  copper  and 
benzidine. 

Oxalic  acid  forms  difficultly  soluble  compounds  with  urea  [17],  benzidine 
[18],  hydrazine  [19],  etc.  A  white  precipitate  of  benzidine  oxalate  is  formed 
when  oxalic  acid  reacts  with  benzidine.  When  oxalates  react  with  copper  salts 
an  amorphous  precipitate  of  copper  oxalate  of  a  pale  green  color  is  formed.  It 
is  known  that  sulfites  react  with  benzidine  to  give  a  white  precipitate,  and  with 
copper  salts  to  form  a  lettuce -green  colored  precipitate  which  is  soluble  in 
excess  sulfite. 

We  found  that  when  oxalates  or  sulfites  react  simultaneously  with  an  acetic 
acid  solution  of  copper  (ll)  and  benzidine  a  characteristic  brown  precipitate  is 
formed.  Similar  precipitates  are  formed  when  a  ready  made  reagent  is  used  which 
consists  of  a  mixture  of  equal  volumes  of  a  0.5^  solution  of  benzidine  in  5^ 
acetic  acid  and  0.2  N  cupric  acetate.  The  reagent  is  a  complex  ion  whose  composition 


corresponds  to  the  formula' 


0u(IIH2v^  '>iraa)rl 


2+ 


The  formation  of  these  precipitates  is  in  full  agreement  with  the  theory 
of  the  occurrence  of  colored  solid  phased  reactions  advanced  by  Soviet  scientists  . 
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According  to  Kuznetsov  [20]  the  essential  condition  for  the  occurrence  of  a 
colored  solid  phase  reaction  is  the  presence  of  a  chromophore .  It  is,  in 
principle  immaterial  whether  the  chromophoric  groups  are  in  the  molecule  of 
the  organic  reagent  or  whether  it  is  the  ion  of  the  element  which  possesses 
chromophoric  properties.  The  chromophoric  action  of  the  same  element  may  he 
different  for  various  combinations.  On  the  other  hand,  the  selectivity  of  the 
action  of  a  colored  solid  phase  reaction  is  related  to  the  molecular  weight 
and  the  charge  of  the  inorganic  ion.  The  higher  the  molecular  weight  and 
charge  of  the  Inorganic  ion,  the  greater  the  probability  that  this  ion  can 
give  colored  solid  phase  reactions  with  a  suitable  organic  reagent. 

Yatslmlrsky  [21],  points  out  that  the  most  Insoluble  compounds  are 
obtained  by  precipitation  of  large  cations  with  large  anions  and  vice  versa. 

In  the  reaction  which  we  are  proposing  it  is  the  copper  ions  which  act 
as  the  chromophore*,  the  ’’weighting"  of  the  molecule  is  achieved  by  obtaining  a 

heavy  complex  cation  jcu^'*'(NH2<^  ~^NHg)nj 

Analysis  of  the  precipitate  formed  during  reaction  with  oxalates  showed 
the  presence  of  copper  ions  (II),  benzidine,  and  oxalate  ions  while  for  the 
reaction  product  with  sulfite  copier  ions,  benzidine,  and  sulfite  were  found. 

The  presence  of  bivalent  copper  ions  was  established  by  the  formation  of  a 
brown  precipitate  with  potassium  ferrocyanide  and  the  formation  of  the  cuprammonlum 
icomplex.  The  presence  of  benzidine  was  established  by  precipitation  with  sodium 
sulfate  in  the  form  of  benzidine  sulfate.  The  presence  of  oxalate  was  checked  by 
means  of  a  soda  extraction  followed  by  formation  of  calcium  oxalate  ^  acetic  acid 
solution  and  by  the  reaction  with  an  acetic  acid  solution  of  bivalent  copper 
and  benzidine;  sulfite  ions  were  detected  by  the  evolution  of  sulfur  dioxide 
on  treating  the  precipitate  with  acids.  The  precipitate  containing  sulfite 
ions  was  decolorized  by  the  action  of  hydrogen  peroxide. 

Analysis  of  the  precipitates  Indicated  that  the  salts  have  the  following 
probable  compositions;  [Cu^‘*’(Ci2He(NH2)2)n]C204  and  [Cu^‘*'(Ci2H8(NH2)2)nlS03* 

V  These  reactions  can  probably  be  related  to  the  normal  type  of  volumetric 
reactions  and  are  examples  of  the  development  of  colors  during  interaction  of 
organic  reagents  with  inorganic  ions,  where  the  element  Itself  possesses 
chromophoric  properties,  the  organic  reagent  Itself  being  colorless. 

EXIERIMENTAL 

Reactions  can  be  carried  out  in  a  test  tube,  on  a  porcelain  test  plate, 
and  on  filter  paper. 

To  1  ml  of  a  0.5^  solution  of  benzidine  in  5^  acetic  acid  solution  is 
added  1  ml  of  neutral  or  weakly  acetic  acid  solution  of  the  test  solution. 

To  the  white  precipitate  of  the  benzidine  salt  formed  is  added  1  ml  of  0.2  N 
cupric  acetate.  In  the  presence  of  oxalate  or  sulfite  ions  the  precipitate 
becomes  brown.  Heating  on  a  water  bath  speeds  up  the  reaction.  To  carry  out 
the  reaction  on  filter  paper  it  is  better  to  use  a  more  concentrated  solution 
of  benzidine.  1  g  of  benzidine  is  dissolved  on  heating  in  100  ml  of  5^  acetic 
acid.  On  cooling  the  solution,  needle  shaped  crystals  of  benzidine  acetate 
precipitate.  To  a  drop  of  the  solution  obtained  placed  on  a  filter  paper  is 
added  a  drop  of  test  solution,  followed  by  1  drop  of  0.2  N  cupric  acetate.  If 
oxalates  or  sulfites  are  present  a  brown  spot  is  Immediately  formed. 

We  found  that  it  is  necessary  to  maintain  the  pH  of  the  test  solution  in 
the  range  5.5-5  in  order  to  carry  out  this  reaction  for  both  oxalates  and 
sulfites. 
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TABLE  1 


The  Effect  of  Benzidine  Concentration  on  the  Sensitivity  of  the  Reaction  (ratio 
of  volume  of  benzidine,  0.1  N  solution  of  cupric  acetate  and  ammonium  oxalate  l?l:l) 


Effect  of  the  reaction 
(Cone.  CuOa"^  1  m«/ml) 

Effect  of  the  reaction 
(Cone.  C5»0a^  0.33  mg /ml) 

5 

Brown  precipitate 

Brown  turbidity,  precipitate  after 

1  min. 

5 

Brown  precipitate 

Brown  turbidity,  precipitate  after 

1  min. 

2.5 

Brown  precipitate 
after  0.5  min. 

Brown  turbidity,  precipitate  after 

5  min. 

2.0 

Brownl sh-ye Ilow 
precipitate  after 

0.5  min. 

Brown  turbidity,  precipitate  after 

5  min. 

1.6 

Brownl sh-ye Ilow 
precipitate  after 

0.5  min. 

Brown  turbidity,  precipitate  after 

5  min. 

The  optimum  concentration  of  benzidine  is  5  mg/ml. 


TABLE  2  TABI£  3 


Determination  of  the  Reaction 
Sensitivity  in  a  Test  Tube  (1  ml 
of  reagents  taken) 


Cone.  C2O4 
in  mg /ml 

Effect  of  Reaction 

1 

Brown  precipitate 

0.33 

Brown  turbidity,  pre¬ 
cipitate  after  0.6  min 

0.25 

Brown  turbidity  after 

1  min. 

0.20 

Brown  turbidity  after 

1  min. 

0.15 

Very  weak  brown 

turbidity  after  2  min. 

0.1 

No  precipitate 

0.15  mg/ml  of  CaO^”  can  be  detected. 


ions. 


Table  4  shows  that  it  is  possible 


Determination  of  the  Reaction 
Sensitivity  when  the  Reaction  is 
Carried  out  on  a  Drop  Test  Plate 
(1  ml  of  each  reagent  taken) 


Cone.  C204“ 
in  mg /ml 

Effect  of  Reaction 

10 

Bright  brown  precipitate 

1 

Light  brown  precipitate 

0.5 

Light  brown  precipitate 
after  0.5  minute 

20  n  g  CzO^"  can  be  detected  in  a  drop 
of  solution. 

In  order  to  determine  the  optimum 
concentrations  of  benzidine  and  the 
sensitivity  of  the  reaction  the  series 
of  experiments  whose  results  are  given 
in  Tables  1,2,3  and  4  was  carried  out. 

to  determine  0,3-0. 4  mg/ml  of  sulfite 


Anions  which  oxidize  benzidine  and  ions  which  form  difficultly  soluble 
compounds  with  copper  ions  interfere.  Where  excess  sulfate  ions  are  present 
excess  benzidine  must  be  used  and  the  reaction  carried  out  with  heating. 

In  order  to  detect  C204~  ions  in  the  presence  of  other,  interfering  anions, 
the  oxalate  is  precipitated  with  calcium  salts  inan  acetic  acid  medium.  The 
precipitate  is  washed  and  then  treated  successively  with  1-2  drops  of  an  acetic 
acid  solution  of  benzidine  and  cupric  acetate.  If  oxalate  ions  are  present  the 
precipitate  gradually  acquires  a  brown  color.  Heating  on  a  water  bath  favors 
the  reaction.  The  reaction  can  also  be  carried  out  on  a  filter  paper. 
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TABLE  k 


Determination  of  Reaction  Sensitivity 


Cone,  of  S0^“ 
In  mg /ml 

Effect  of  Reaction 

1 

6.0 

Brown  precipitate 

0.7 

Brown  precipitate  after 
0.5  min.  on  heating  on 
a  water  bath. 

0.35 

Darkening  of  the  preci¬ 
pitate  on  heating  oh 
a  water  bath. 

0.2 

No  color. 

A  drop  of  test  solution  Is 
placed  on  a  filter  paper  and 
1  drop  of  1  N  acetic  acid  and  1-2 
drops  of  0.5  N  calcium  acetate 
added.  The  paper  Is  dried  slightly, 
carefully  vashed  with  water  and 
then  1  drop  of  benzidine  (1^  In 
5^  acetic  acid)  and  1  drop  of 
0.2  N  cupric  acetate  placed  on 
the  spot.  A  brown  color  gradually 
develops  If  C2O4  Ions  are  present. 

Salts  of  the  organic  acids  — 
acetic,  tartaric,  succinic,  and 
others  do  not  give  color  reactions 
with  benzidine  and  cupric  acetate. 

SUMMARY 


1.  Various  qualitative  reactions  for  oxalates  and  sulfites  have  been 
Investigated. 


2.  New  color  reactions  have  been  found  for  oxalates  and  sulfites  which 
are  based  on  the  formation  of  characteristically  brown  crystalline  precipitates 
as  the  result  of  Interaction  between  oxalates  and  sulfites  with  an  acetic  acid 
solution  of  copper  (II)  and  benzidine. 


3.  It  has  been  shown  that  the  reactions  proposed  are  sensitive  and  simple 
enough  to  carry  out  and  do  not  require  expensive  reagents  and  apparatus. 

4.  The  proposed  reaction  for  oxalates  has  a  number  of  advantages  compared 
to  other  reactions: 


a)  It  can  be  used  as  a  spot  test. 

b)  Oxalate  Ions  can  be  detected  In  solid  materlals,e.g.  In  CaC204; 

c)  Oxalate  Ions  can  be  detected  In  the  presence  of  other  anions  and  In 
the  presence  of  the  anions  of  such  acids  as:  acetic,  tartaric,  succinic, 
etc. 
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A  METHOD  OF  CALCULATING  PHOTOMETRIC  CURVES  DURING  A  STUDY 
OF  X-RAY  ABSORPTION  FRINGES 

E.  E.  Vainshtein 

The  V.  I.  Vernadsky  Institute  of  Geochemistry  and  Analytical  Chemistry, Academy 

of  Sciences,  USSR,  Moscow 


It  is  known  the  absence  of  a  direct  proportionality  between  the  value  of 
the  blackening,  and  the  intensity  of  X-rays  within  a  wide  range  of  change  in 
blackening,  leads  to  a  distortion  of  the  shape  of  the  X-ray  absorption  edges 
registered  by  means  of  a  photometer.  As  a  consequence  the  absorption  edges 
observed  experimentally  are  usually  converted  with  the  help  of  blackening 
curves  to  an  intensity  scale,  and  only  when  this  has  been  doM  are  they  used 
for  calculating  the  curve  relating  absorption  coefficients^^  (/i)  to  frequency. 

The  conversions  mentioned  above  are  rather  difficult;  a  considerable 
amount  of  time  is  expended  in  carrying  them  out  while  they  also  presupposed 
a  knowledge  of  the  value  of  the  initial  intensity  of  the  pencil  of  X-rays  (Iq) 
which  is  not  easily  amenable  to  direct  experimental  determination  when  using 
the  photographic  method  for  registering  spectra. 

A  method  is  advanced  in  this  article  which  enables  the  quantitative 
characteristics  of  the  absorption  edges  of  Interest  to  the  investigator  to 
be  calculated  (such  as  the  true  ratio  of  the  intensity  of  individual  fluctua¬ 
tions  in  the  absorption  coefficient  in  the  limits  of  the  edge  and  the  half- 
width  of  the  first  line  of  selective  absorption  [2,5,4])  without  resorting 
to  the  above  mentioned  tedious  process  of  converting  the  experimental 
photometric  curve  (expressed  on  the  blackening  scale)  to  a  curve  relating 
absorption  coefficients  and  frequency. 

1.  The  basis  of  the  proposed  method  is  the  experimentally  established 
possibility  of  extending  a  method  proposed  earlier  [5],  which  is  used  in 
optics,  viz,  ’’rectification"  of  tte  characteristic  curve  to  the  X-ray  region. 

It  has  been  shown  experimentally^)  that  the  function 

P  =  W  +  1  (S  -  W),  (1) 

where  S  =  log  ,*  W  =  log^-j^  -  ,  and  1  is  a  constant.®) 

In  contrast  to  the  blackening  value  which  is  the  argument  of  the  P-trans- 
formatlon,  P  depends  linearly  on  the  logarithm  of  the  intensity  not  only  in  the 
region  of  normal  blackening  but  also  in  the  region  of  underexposure.  Experiment 
also  showed  that  in  all  the  region  (from  S  =  0.1  to  S  =  2)  the  relation  between 
function  P  and  the  Intensity  can  be  expressed  with  great  accuracy  by  the  equation: 

1)  In  such  a  case  for  a  known  range  of  absorbent  thickness  less  than  a  certain 
critical  value  [l],  curve  M=|i(v)  does  not  depend  on  the  absorbent'  thickness  and 
coincides  with  the  curve  for  the  absorption  coefficients,  which  can  be  derived 
by  means  of  ionization  registration  on  a  spectrograph  with  the  same  resolving 
power. 

2 ) Experiments  were  made  in  the  wave  length  range  7OO-5OOO  H -units. 

®)  1  characterlstizes  the  type  of  photographic  material  chosen  and  changes 
somewhat  with  the  wave  length  of  the  radiation  registered  on  the  film. 
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(2) 


P  =  Tp  log  I  -  ip. 


Several  methods  can  he  advanced  for  finding  the  values  of  the  two  constants 
(l  and  Tp)  which  determine  the  actual  form  of  the  P-transformation.  The 
simplest  of  these  [5],  assumes  a  knowledge  of  the  blackening  curve.  In  our 
work  we  widely  used  for  this  purpose  a  method  proposed  recently  [6],  based  on 
a  study  of  the  shape  of  X-ray  emission  lines. 


In  the  absence  of  a  blackening  curve  the  method  described  below  can  be 
used.  Since  the  ratio  of  the  intensities  of  the  components  of  the  doublet 
Ka-1,2  f’or  the  elements  is  a  constant  independently  of  the  blackening 

levels  oi  these  lines,  a  constant  interval,  which  in  practice  is  equal  to  the 
value  of  log  2,  should  correspond  to  it  (the  ratio)  on  the  abscissa  of  the 
characteristic  curve.  At  the  same  time  because  of  the  absence  of  a  direct 
proportionality  between  the  blackening  of  a  line  and  the  logarithm  of  its 
Intensity,  the  tangent  (angular  coefficient)  to  the  characteristic  curve 
and  consequently  also  the  difference  in  blackening  between  the  lines  of  the 
doublet  considered  (^81,2)  are  different  for  different  blackenings.  On 
the  other  hand,  for  function  P  for  which,  according  to  the  conditions, 
equation  (2)  should  be  Justified  in  a  wide  blackening  range,  the  value  of 
aPi,2  =  lASi  2  +  (1  ~  l)AWi^2should  remain  constant.  The  condition  (APi^2  = 
const.)  enables  one  to  calculate  the  constant  1  when  one  has  measured  the 
blackening  of  the  Kai  and  Ka2  lines  of  the  doublet,  and  the  values  of  W 
corresponding  to  them  in  those  cases  where  the  blackening  of  both  lines 
lie  on  a  straight-line  part  of  the  characteristic  curve  and  in  the  region 
of  underexposure.  At  the  same  time  on  the  basis  of  the  first  group  of 
results  the  contrast  coefficient  of  the  film  can  be  determined  by  means 
of  the  equation  ^Ts  =  Si^2/log  ^ 

A  knowledge  of  this  last  coefficient  in  turn  enables  the  second  of  the 
parameters  characterizing  the  required  P-trans format ion  to  be  calculated. 
This,  as  shown  experimentally,  can  be  done  by  means  of  the  following  equation 


7  1)=  76 


i  +  (1 


(5) 


which  is  a_consequence  of  equation  (l).  In  the  cases  which  we  tested  the 
value  of  dW/dS  was  equal  to  I.08. 


A  special  article  [7],  has  been  devoted  to  a  more  detailed  exposition 
of  what  has  been  described  above,  and  of  certain  other  methods  of  finding 
the  parameters  of  the  P-transformatlon,as  well  as  of  experiments  using  the 
latter  for  carrying  out  X-ray  spectrographlc  analysis. 


2.  By  using  the  P-transformatlon  described  above  it  is  possible  to 
simplify  and  speed  up  the  method  of  calculating  experimental  photometric 
curves  of  X-ray  absorption  edges  considerably.  It  is  not  difficult  to  show 
that  in  the  case  considered,  a  change  from  the  scale  of  blackening  S  in 
which  the  e.xperlmental  absorption  edges  are  usually  represented,  to  the 
P-scale  is  physically  equivalent  to  a  direct  conversion  of  the  experimental 
curve  to  a  curve  of  absorption  coefficients.  In  fact  during  investigations 
of  the  fine  structure  of  X-ray  absorption  edges  photometrically,  the  value 
of  the  Intensity  I,  acting  on  a  film  in  the  limits  of  the  edge,  is  related 
to  the  absorption  coefficient  of  the  absorbent  by  the  relation 

I  =  Ioe”^<^  . 


Consequently 


P  =  Po  -  0.1<-5yp#«i, 


throughout  all  the  blackening  Interval  for  which  the  use  of  equation  (2)  is 
justified.  Here  P©  =  yplog  Iq  ”  ip* 

By  means  of  equation  (4)  it  is  possible  to  determine  directly  the  true 
relation  between  the  intensity  of  fluctuations  of  the  absorption  coefficient 

and  the  half-width  of  the  first  line  of 
selective  absorption  on  the  basis  of  a 
few  measurements  of  the  original  experi¬ 
mental  curve  expressed  on  a  blackening 
scale. 


Let  us  consider, e.g^  the  typical 
experimental  absorption  edge  represented 
on  the  diagram.  Let  the  blackening  of 
the  points  ^  and  £  be  Si  and  S2  and 
the  values  of  the  absorption  coefficients 
corresponding  to  them  i^i  and  Ma*  From 
formula  (if),  it  follows  that  the  ratio 
of  absorption  coefficients  in  which  the 
investigator  is  interested,  at  any  point 
on  the  edge  characterized  by  the  numbers 
S^  and  Mx,  to  the  first  absorption 
maximum  can  be  obtained  from  the  relation 


=  Pi  "  Px 
Pi  “  P2  ^ 


(5) 


in  which  the  values  of  Pi,  P2  and  P^  are 
calculated  from  formula  (l)  according  to 
the  known  blackening  values. 


Similar  ly  ,  it  is  also  possible  to  determine  the  half  width  of  the 
first  line  of  selective  absorption  directly  from  the  experimental  curve 
(see  diagram);  it  is  equal  to  the  width  of  the  absorption  line  measurejl  at 

a  blackening  value  (Sj^)  which  corresponds  to  the  value  P^^  =  . 
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This  follows  directly  from  equation  (5)  under  such  conditions  that 


In  the  general  case  for  the  relation  ^x  ~  _  1  p  =  Pi  (p  ““  l)P2 
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THE  NATURE  OF  THE  SO-CALIED  "WEIGHTING  EFFECT" 


K.  B.  YatBimirsky 

The  Ivanov  Chemlco-Techno Logical  Institute 


In  1924  Feigl  [1],  postulated  that  an  Increase  in  the  molecular  weight  of 
a  reagent  which  is  capable  of  forming  a  precipitate,  as  a  rule.  Increases  the 
sensitivity  of  the  reaction,  A  similar  type  of  effect  has  received  the  name 
'Velghtlng  effect".  Feigl  relates  the  solubility  of  the  compound  formed  to  its 
molecular  weight  [2], 

It  has  been  established  however,  in  the  work  of  Kuznetsov  [5^4],  and  Kulberg 
[5],  that  solubility  does  not  always  decrease  with  Increasing  molecular  weight, 
and  that  when  the  "weighting  effect"  is  used  the  functional-analytical  groups 
should  not  be  touched. 

In  Kulberg,  Mustafln,  and  Kochetkov’s  latest  paper  [6],  it  has  been  shown 
that  it  is  also  essential  to  take  the  chemical  nature  of  the  "weighting}’  group 
into  consideration  and  the  position  of  this  group  in  the  reagent  molecule. 

Despite  a  considerable  amount  of  work  which  has  been  devoted  to  the 
"weighting  effect",  the  nature  of  this  effect  still  remains  unexplained  and 
even  the  term  Itself  does  not  reflect  the  true  nature  of  things,  since  there 
is  no  relation  between  solubility  and  molecular  weight  of  a  compound.  High 
molecular  weight  compounds  are  known  which  have  good  solubilities,  while  low 
molecular  weight  compounds  are  known  with  low  solubilities.  Solubility  may 
be  reduced  not  only  by  increasing  the  molecular  weight,  but  also  by  decreasing 
it  (e.g.  the  substitution  of  sulfo  or  hydroxyl  groups  by  hydrogen).  A  large 
number  of  groups  are  known  which  can  Increase  the  molecular  weight  and  the 
solubility  of  a  substance. 

We  can  imagine  that  the  solution  process  of  an  organic  material  takes 
place  in  two  stages  as  we  did  in  the  case  of  the  solubility  of  inorganic 
materials  [7^8]* 

1.  Break  up  of  a  given  substance  into  separate  gaseous  molecules  (ions) 
which  do  not  Interact.  This  process  is  connected  with  a  free  energy  change 
which  we  shall  denote  by  W.  W  in  a  given  case  is  the  free  energy  of  the  crystal 
lattice  [7]. 

2,  A  transfer  of  the  fgiseous  molecules  (ions)  of  the  given  substance  into 
solution.  The  free  energy  change  occurring  during  this  stage  we  shall  denote 
by  F.  Here  F  is  the  free  energy  of  solvation  of  the  molecules  or  the  total 
free  energy  of  ionic  solvation.  In  tte  case  of  aqueous  solutions,  F  is  the 
free  energy  of  hydration. 

The  change  in  free  energy  during  the  process 

ABsolid  +  Solv  =  ABgQ3^^,  (l) 

can  be  expressed  by  the  following  relation: 

nRT  In  a  =  F  —  W,  (l) 

where  n  is  the  number  of  ions  into  which  the  electrolyte  molecule  breaks  up 
(for  non-electrolytes  n  «  l)  and  a  is  the  activity  of  a  saturated  solution  of 
the  given  substance.  For  simplification  the  solubility  S  may  be  used  as  an 
approximation  to  the  activity,  under  standard  conditions  therefore  we  get: 

1.36n  log  S  =  F  -  W.  (2) 
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The  introduction  of  a  group  R  into  compound  AB  leads  to  a  change  in  the 
free  energy  of  solvation  (^)  and  in  the  free  energy  of  the  lattice  (^),  and 
consequently  to  a  change  in  the  solubility  (Alog  S) . 

The  introduction  of  a  non-polar  group  or  a  group  of  low  polarity  leads 
to  a  decrease  in  the  free  energy  of  solvation,  since  the  introduction  of 
this  group  into  a  solvent  leads  to  a  disruption  of  its  structure  and  to  the 
formation  of  new  surf&ces  of  separation  R...Solv,  (in  the  special  case  R...H20). 

A  decrease  in  the  absolute  value  of  the  free  energy  of  solvation  can  be 
calculated  by  means  of  the  formula; 

-  AF  =  NOAS,  W 

where  AS  is  the  increase  in  area  of  a  molecule  on  introducing  group  R; 
o is  the  free  energy  of  unit  surface  of  R...Solv^  and  N  is  the  Avogadro 
number . 

Equation  (4)  opens  up  a  way  of  calculating  quantitatively  the  effect 
of  various  groups  on  the  solubility  of  organic  ccaapounds.  Thus  using 
Hartley's  [9],  and  Meggy's  results  [10],  for  the  surface  O-H...H2O  we  get; 

-  AF  =  0.043AS  (4a) 

In  this  equation  AS  is  expressed  in  square  Angstroms,  and  AF  in  kilo¬ 
calories,  Relation  (4a)  would  be  Justified  under  such  conditions  that  on 
introducing  the  molecule  of  the  organic  material  into  solution  there  would 
be  no  interaction  between  the  Individual  water  molecules. 

In  actual  fact  the  molecules  of  water  are  not  separated  by  an  infinite 
distance  and  interaction  occurs  between  them  which  amounts  to,  according  to 
Meggy  [10],  approximately  half  the  total  free  energy. 

Consequently,  on  introducing  a  hydrocarbon  radical  into  aqueous  solution 
the  decrease  in  free  energy  amounts  to; 

-AF  =  0.021  AS.  (5) 

As  an  example  let  us  calculate  —  AF  for  the  CH2  group.  In  the  literature 
[10],  CHg  is  regarded  as  a  rod  of  length  1.27  A  and  with  a  cross-sectional 
area  of  18.5  A^,  From  which,  for  CHg  AS  amounts  to  19»3  A^  and  —  AF  •■=  0.4l5 
kcal/mol. 

Similar  calculations  can  be  made  for  other  hydrocarbon  radicals  (CeHgr, 
CioHt^  etc.).. 

In  all  these  cases,  a  lyophoblc  group  R  is  Introduced  into  the  molecule 
AB  and  the  solubility  of  the  compounds  formed  decreases. 

Cases  are  also  possible  where  the  groups  introduced  can  react  with  the 
solvent,  forming  hydrogen  or  dipolar  bonds  (e.g.,  the  groups  OH,  COOH,  SO3H 
and  others  with  water).  In  such  cases  the  free  energy  of  solvation  Increases 
in  absolute  water  (  Ap  >  0)  while  the  solubility  of  the  compound  formed  also 
Increases. 

Finally,  cases  are  possible  where  introduction  of  a  group  R  into  molecule 
AB  does  not  essentially  affect  the  free  energy  of  solvation.  The  halogens 
(Cl,  Br,  1)  belong  to  this  category.  In  connection  with  the  fact  that  the 
covalent  radii  of  the  halogen  atcans  are  considerably  greater  than  the  covalent 
radius  of  the  hydrogen  atom,  substitution  of  hydrogen  by  halogen  leads  to  an 
Increase  in  the  surface  of  the  molecule  (ion),  and  as  a  consequence  of  the 
lyophoblc  effect  considered  above?  lowers  the  free  energy  of  hydration.  In 


552 


such  cases,  however,  polarity  is  manifested  in  the  molecule  (ion)  as  well  as 
the  possibility  of  dipolar  interaction  between  the  molecules  of  dissolved 
material  and  solvent  molecules,  as  a  result  of  which  the  free  energy  of 
hydration  increases.  The  presence  of  these  two  opposing  factors  should  lead 
in  the  final  count  to  an  Insignificant  change  in  the  free  energy  of  hydration 
when  hydrogen  is  substituted  by  a  halogen. 

It  can  be  postulated  that  any  group  R  introduced  into  a  reagent  molecule 
leads  to  a  definite  (always  roughly  constant)  change  in  the  value  of  the  free 
energy  of  solvation  (AF).  This  change  is  determined  by  the  nature  of  the  group 
and  can  vary  both  in  sign  and  in  magnitude  for  different  groups. 

The  change  in  free  energy  of  solvation  depends  not  only  on  the  nature  of 
the  group  R,  but  also  on  the  nature  of  the  solvent.  Thus,  the  introduction  of 
hydrocarbon  radicals  which  are  hydrophobic  decreases  the  solubility  of  various 
compounds  in  water,  but  does  not  essentially  affect  the  solubility  of  the  same 
compounds  in  solvents  of  the  benzene  type,  in  relation  to  which  the  hydrocarbon 
radicals  are  not  lyophobic.  This  fact  once  again  indicates  the  unhappy  choice 
of  the  term,  'Velghting  effect"  -  "weighting"  leads  to  a  decrease  in  solubility 
in  certain  solvents  and  does  not  affect  the  solubility  of  a  given  group  of 
compounds  in  other  solvents. 

Introduction  of  a  group  R  into  the  molecule  of  a  given  material  not  only 
affects  the  free  energy  of  solvation,  but  essentially  affects  the  free  energy 
of  the  molecular  lattice.  We  have  considered  the  concept  of  the  free  energy 
of  ionic  compounds  previously  [7].  The  free  energy  of  a  lattice  for  compounds 
with  a  molecular  lattice  can  be  expressed  by  the  simple  relation; 

W  =  -RT  In  p,  (6) 

where  p  is  the  vapor  pressure  of  a  given  compound. 

Increasing  the  molecular  weight  of  organic  compounds  as  a  rule  actually 
leads  to  a  decrease  in  vapor  pressure  and  consequently  to  an  increase  in  the 
free  energy  of  a  molecular  lattice.  From  equations  (l)  and  (5)  it  follows 
that  an  Increase  in  W  should  decrease  the  solubility,  and  from  this  point  of 
view  the  term  ”weightlng  effect"  should  have  some  Justification.  In  a  large 
number  of  cases,  however,  the  increase  in  W  is  compensated  by  a  significantly 
large  increase  in  the  free  energy  of  solvation  F.  Moreover,  in  a  whole 
series  of  cases  an  increase  in  molecular  weight  leads,  not  to  an  Increase 
in  the  free  energy  of  the  lattice  (to  a  decrease  of  vapor  pressure),  but  to 
a  decrease.  Thus,  the  substitution  of  hydroxyl  by  any  halogen  is  accompanied 
by  an  increase  in  molecular  weight,  together  with  which  the  vapor  pressure  of 
the  halogen  derivatives  is  greater  than  that  of  the  corresponding  alcohols. 

The  vapor  pressure  of  the  halides  decreases  steeply  in  the  order  RF,  RCl,  RBr, 
and  RI. 

When  a  CHg  group  is  introduced,  the  free  energy  of  the  lattice  increases 
on  an  average  by  the  same  amount.  Results  for  liquids  are  given  in  Table  1; 
from  this  table  it  is  evident  that  the  difference  in  RT  In  p  in  this  case 
amounts  to  0.46  kcal  on  an  average. 

If  we  assume  that  this  regularity  is  maintained  for  solid  compounds  as 
well,  then  the  decrease  in  solubility  ( A  log  S)  on  Introducing  a  CH2  group 
should  be  -0.63  in  accordance  with  equations  (3)  and  (5). 

The  results  given  in  Table  2  confirm  this  assumption;  on  going  from  one 
member  to  another  of  a  homologous  series, the  logarithm  of  the  solubility 
decreases  by  an  average  of  0.60. 
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TABIE  1 


It  is  conceivable  that 
the  introduction  of  other 
groups  will  decrease  (or 
Increase)  the  free  energy 
of  a  molecular  lattice  by 
approximately  the  same 
amount,  and  that  for  each 
group  there  is  its  own 
specific  increment  A  log  S. 

An  exact  calculation  of 
the  free  energy  change  of  a 
molecular  lattice  as  the 
result  of  introducing 
various  groups  into  a 
molecule  is  impossible  at 
present .  Calculation  is 
complicated  by  the  fact  that  in  a  given  case  the  mutual  effect  of  atoms  and  the 
position  of  the  group  introduced  is  particularly  strong.  Nevertheless,  as  a  very 
crude  approximation  one  might  in  the  first  place  assume  that  the  introduction  of 
the  same  group  into  different  molecules  leads  to  the  same  change  in  free  energy 
of  the  lattice  and  consequently  of  A  log  S. 

TABLE  2 


Solubility  of  organic  compounds  in  water 


Compounds 

“  log  S 

A  lOgvS 

Compounds 

“  log  S 

A  log  S 

n^) 

n"T 

Hydrocarbons 

Carboxylic  acids 

C5H12 

2.50 

C4H9COOH 

0.48 

C6H14 

2.80 

0.50 

C5H11COOH 

1.03 

0.55 

C7H16 

3.28 

0.48 

C6H13COOH 

1.77 

0.74 

CsHis 

C6H5CH3 

5.88 

2.29 

0.60 

Complex  esters 

C6H5C3H7 

3.50 

0.51 

CH3COOCH3 

“O.63 

0.64 

0.72 

Alkyl  Halides 

1.46 

CH3COOC2H5 

CH3  COOC3H7 

0.01 

0.75 

C3H7CI 

CH3COOC4H9 

1.36 

0.63 

C4H9CI 

2.15 

0.69 

CH3COOC5H11 

1.86 

0.50 

C2H5Br 

1.08 

C2H5COOCH3 

0.13 

C3H7Br 

1.70 

0.62 

C2H5  COOC2H5 

0.63 

0.50 

CH3I 

1.05 

C2H5  COOC3H7 

1.37 

0.74 

C3H7I 

2.25 

0.60 

C3H7COOCH3 

0.82 

C4H9I 

2.96 

0.71 

C3H7COOC2H5 

1.23 

0.51 

Alcohols 

C3H7COOC3H7 

1.89 

0.66 

1.24 

CH3COOC2H5 

0.01 

C6H13OH 

C2H5COOC2H5 

0.63 

0.62 

C7H15OH 

1.81 

0.57 

C3H7C00C2H5 

1.23 

0.60 

C4H9COOC2H5 

1.74 

0.51 

C7H15  COOC2H5 

3.44 

0.57 

1)  n-number  of  CHg  groups 


Change  in  the  vapor  pressure  of  an  homologous 
series  (vapor  pressure  in  mm  of  mercury  at  20®C) 


Compound 

log  p 

-  A  log  p 

Compound 

log  p 

-  Alog  p 

CH3COOH 

C2H5COOH 

C3H7COOH 

CeHs 

C6H5CH3 

C6H5C2H5 

C6H5C3H7 

1.07 

0.76 

0.45 

1.87 

1.45 

1.18 

1.00 

0.31 

0.31 

0.42 

0.27 

0.18  • 

CH3OH 

C2H5OH 

C3H7OH 

C4H9OH 

C5H11OH 

1.98 

1.65 

1.18 

0.70 

0.44 

0.33  . 

0.47 

0.43 

0.26 

Mean 

- 

7^755 

Mean 

— 

073S 

The  results  given  in  Table  5  confirm  this  assumption.  The  exception 
is  the  carboxyl  group;  its  introduction  instead  of  hydrogen  into  the  aliphatic 
and  aromatic  compounds  leads  to  a  different  effect. 
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TABLE  5 


Solubility  of  organic  compounds  in  water 


R=H 

R: 

=C1 

1  R=Br 

1  R=I 

R=0H 

R=CCX)H 

-log  S 

-log  S 

Alog  S 

-log  S 

lAlog  S| 

-log  S 

wmmi 

-log  S 

Alog  S 

C.^HyR 

(1.20) 

1.46 

-0.26 

1.70 

mm 

2.25 

-1.05 

' 

■i 

0.48 

C4H9R 

(1.70) 

2.15 

“O.45 

mm 

2.96 

-1.26 

1.32 

C5H11R 

2.30 

1.24 

t^m 

1.03 

1.27 

CeHisR 

2.80 

1.77 

1.03 

C7H15R 

3.28 

Hi 

1.81 

liw 

1.66 

CeHgR 

1.98 

2.36 

-0.38 

2.55 

HJflM 

2.78 

“0.80 

0.15 

0.32 

C10H7R 

3.65 

2,29 

1.34  1 

3.40 

0.23 

Mean 

1 

A  log  S 

1 

-0.36 

1 

-0.53 

1 

1 

1 

1 

-1.04 

1.55 

Substitution  of  hydrogen  in  the  O-H  group  by  various  other  groups  leads  to  a 
change  in  solubility,  which  can  be  characterized  by  an  Increment  (  A  log  S)  which 
is  approximately  constant  for  each  group.  (Increment  A log  S  is  a  difference 
between  the  logarithm  of  the  solubility  of  two  comparable  compounds).  In  the 
case  of  the  hydroxyl  group  A  log  S  has  a  mean  value  of  1.5  (an  increase  in 
solubility  of  approximately  30  times for  the  other  atoms  and  groups  considered 
here  A  log  S  is  negative  and  has  the  following  approximate  values:  CHa  — 0.60; 

CeHs  “2.1;  Cl  -0.4;  Br  -0.5;  I  -1.0.  Variation  in  the  value  of  Alog  S  can  be 
explained  by  the  mutual  effects  of  various  groups  on  the  molecule  of  the 
substances  considered. 

In  conclusion  we  shall  consider  the  effect  of  various  groups  on  the  solubility 
of  salts  and  salt  forming  compounds.  This  effect  is  of  particular  Interest  to  the 
analyst,  since  such  compounds  are  obtained  during  the  majority  of  reactions.  In 
those  cases,  where  the  reacting  centers  are  not  touched,  when  a  new  group  is 
introduced  the  free  energy  of  the  lattice  of  the  salt  or  salt  forming  compound 
does  not  change,  or  changes  by  very  little  (AW=«0),and  the  change  in  solubility  is 
determined  by  the  change  in  the  free  energy  of  solvation  of  the  salt  ions: 

1.36n  Alog  c  =EAFi.  (7) 

Actually,  the  distances  between  the  metal  ions  and  the  active  groups  of 
reagent  ions  remain  unchanged,  if  the  'weighting*  groups  are  Introduced  in  the 
farthest  parts  of  the  reagent.  We  demonstrated  [ll],  that  the  thermochemical 
radii  of  the  HCOO”,  CHaCOO"*  and  CaHsCOO”  ions  remain  constant  despite  a  change 
in  the  absolute  dimensions  of  these  particles. 

The  solubility  of  the  lithium,  calcium,  and  barium  salts  of  various  carboxylic 
acids  is  compared  in  Table  4.  These  results  show  that  on  the  introduction  of 
each  new  CHa  group  the  logarithm  of  the  solubility  decreases  by  an  average  of  0.25- 
This  decrease  corresponds  to  a  decrease  in  the  free  energy  of  solvation  of  the  acid 
anion  of  0.34  kcal;  using  equation  (5)  ve  got  a  value  of  0.4l  kcal. 

The  introduction  of  new  aromatic  rings  leads  to  an  even  greater  decrease  in 
solubility. 

In  conclusion  we  shall  consider  a  few  examples  which  Illustrate  the  applica¬ 
tion  of  the  hypothesis  advanced  above  in  analytical  chemistry. 

There  is  a  definite  relation  between  the  sensitivity  of  a  reaction  and  the 
solubilities  of  the  reaction  products.  Although  a  number  of  other  factors  (color 
of  the  precipitate,  its  character,  the  rate  at  which  it  is  formed,  etc)  also 
affect  the  sensitivity  [2],  nevertheless,  the  effect  of  solubility  on  sensitivity 
remains  the  decisive  one. 
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TABLE  4 


Solubility  of  carboxylates 


Salts 

“log  S 

Shits 

“log  S 

Alog  S^) 

BHinl 

n^) 

CiiHgsCOaLl 

2.08 

C15H31CO2LI 

3.16 

0.27 

(CeHi3C02)2Ba 

1.40 

C17H35CO2LI 

3.62 

0.24 

( C7H15CO2 )2®® 

1.85 

0.22 

( C3H7CO2 )2Ca 

0.07 

( CaHi 7CO2 ) 2®® 

2.51 

0.34 

(C5HiiC02)2Ca 

1.09 

0.25 

(CiiHas 002)2®® 

4.00 

0.25 

( C7H1 5CO2 ) 2 c® 

2.02 

0.23 

Cc  sHi  7CO2 )  2  Cq 

2.40 

0.19 

1)  Mean  value  Alog  S  =  0.25. 

2)  n  =  the  number  of  CEz  groups. 


In  the  majority  of  cases,  salt-llke  substances  are  precipitated,  the  rules 
for  the  solubility  of  which  have  been  considered  above.  Substitution  of  the 
hydrogen  In  a  CH  group  by  a  methyl  group  leads  to  a  decrease  In  the  logarithm 
of  the  solubility  of  0.25,  l«e.,  the  solubility  Is  halved.  One  would  expect 
therefore  that  the  limit  of  Identification  would  In  such  a  case  also  be  doubled. 
In  addition  to  the  numerous  examples  considered  above,  we  may  point  out  that  on 
switching  from  HC(N0H)CHN0H  to  methylglyoxlme,  the  sensitivity  of  the  reaction 
for  nickel  Is  doubled. 

The  Introduction  of  new  aromatic  rings  Into  a  reagent  leads  to  an  even 
greater  decrease  In  solubility.  In  the  case  of  salt-llke  reaction  products  the 
logarithm  of  the  solubility  decreases  by  0.7-1.3  (the  solubility  decreases  by 
5-20  times).  The  sensitivity  changes  by  roughly  the  same  amount.  This 
regularity  can  be  observed  on  comparing  the  sensitivity  of  the  reactions  for 
bismuth  In  which  various  organic  bases  are  used  (a-plcollne,  qulnaldlne,  3- 
naphthoqulnaldlne,  etc . ) . 

Examples  given  by  L.  M.  Kulberg  [5]  show  that  the  Introduction  of  a 
sulfo  group  Into  a  reagent  leads  to  an  Increase  In  solubility  of  5-10  times. 

The  Introduction  Into  a  reagent  molecule  of  lyophoblc  groups  leads  to  a 
decrease  In  solubility  not  only  of  the  reaction  product,  but  also  of  the  reagent 
Itself.  The  latter  In  the  long  run  may  mean  a  decrease  In  the  sensitivity.  In 
all  cases, therefore,  there  Is  a  definite  limit  to  an  Increase  In  reaction  sensi¬ 
tivity  which  Is  related  to  the  fact  that  the  solubility  of  the  reagents 
decreases  more  rapidly  than  that  of  the  reaction  products,  which  In  the  majority 
of  cases  are  salt-llke  compounds. 

SUMMARY 

The  Introduction  of  various  groups  Into  an  analytical  reagent  leads  to  a 
change  In  the  free  energy  of  solvation  of  the  reaction  product  formed  which  Is 
of  low  solubility,  and  In  the  free  energy  of  the  lattice.  In  the  simplest  cases 
the  change  In  free  energy  of  hydration  can  be  calculated. 

On  substitution  of  the  hydrogen  In  a  O-H  group  by  a  particular  group  there 
Is  a  constant  change  In  the  logarithm  of  the  solubility.  The  effect  of  each 
group  on  the  solubility  of  the  compounds  formed  (and  consequently  on  the 
sensitivity  of  an  analytical  reaction)  can  be  characterized  semi -quantitatively. 
In  assessing  the  phenomena  considered  quantitatively  It  Is  necessary  to  bear 
the  mutual  effects  of  the  respective  groups  In  mind. 
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